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Sfa^ium^Simnganate—A Possible Source 
of Free Hydroxyl Radicals
In view of current interest in electron transfer reactions 
resulting in the formation of free hydroxyl radicals1-2 
preliminary notice is given of the following results which 
appear to support the theory that the free hydroxyl 
radical is the active agent in many reactions of potassium 
permanganate in alkaline solution3.
(a) The formation of acrylonitrile polymer has been 
observed after the addition of dilute potassium perman­
ganate solution to acrylonitrile in 3m solutions of 
potassium hydroxide, followed by neutralization with 
dilute sulphuric acid. (Polymerization was neither 
observed when the concentration of alkali was far 
removed from this figure, nor when potassium manganate 
solution was used in place of potassium permanganate.) 
It is thought that the initiation of polymerization may 
have been due to attack by free hydroxyl radicals pro­
duced according to reaction 1, which would be 
competitive with a direct reaction between potassium 
permanganate and acrylonitrile. (No polymer is formed 
when acrylonitrile and potassium permanganate react 
in neutral solution.)
M n04~ +  OH- ^  M n042- +  -OH . . .  .(1)
(b) The rate of reaction 2 has been determined photo­
metrically and by measurement of the rate of oxygen 
evolution. The results indicate that, as the concentration 
of hydroxide ion is increased, a reaction which is first 
order with respect to the permanganate ion and catalysed 
by light is replaced by a reaction of second order with 
respect to the permanganate ion, independent of the 
area of solid surface and unaffected by light. The second 
order rate constant is found to increase rapidly with 
increase in concentration of alkali.
4KMn04 +  4KOH -^,4K2M n04 +  2H20  +  0 2
. . . . ( 2)
In order to interpret these results, it is tentatively 
suggested that/ the electron transfer reaction 1 may 
proceed via an intermediate complex (Mn04*0H2~) of 
fairly high stability. The unimolecular decomposition 
of this complex is probably catalysed by light4, whilst 
the subsequent reaction between two hydroxyl radicals 
may be catalysed by solid surfaces5. However, it is 
postulated that as the concentration of hydroxide is 
increased, a reaction of type 3, which is neither catalysed 
by light nor by solid surfaces, becomes predominant.
2(Mn04v0H2-)->2Mn042"-l-H20 + 0  . .. .( 3 )
(c) It has been found0 that when certain carboxylic 
acids of the type:
Cl
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R H
\  /
C (n =  0,2)
/  \  (R =  alkyl, aryl)
Ri (CH2)nC02H
are oxidized with potassium permanganate in concentrated 
alkaline solution (Mn04~ -> M n042_), good yields of 
the corresponding hydroxy acids of the type:
R OH
\  /
C
/ \
Rx (CH2)nC 02H
are obtained. When optically active starting materials
are used, the products are found to be optically inactive.
Since the optically active forms of both the reactants, 
and products are stable in hot concentrated alkaline 
solution, it is concluded that the group:
R
\
C
/  \
Ri (CH2)nCOa-
has been free as a radical or ion during the course of 
the reaction. The formation of a zwitter-ion of type:
R
\
C+
/  \
Rx (CH2)nC 02-
is considered unlikely since retention of configuration 
should occur as a result of intramolecular bonding7.
Accordingly, it is postulated that this intermediate is 
a radical-ion, formed by the direct attack of either 
permanganate ion or a free hydroxyl radical on the 
‘ tertiary ’ hydrogen atom:
R H R
\  /  \
C + - 0 H ^ H 20 +  C(CH2)nC 02-
/  \  /
Rx (CH2)nC 02~ Rx
R R OH
N r  . \  .
C(CH2)nC02~ +  • OH -> C
/
Rx
/  \
Rx (CH2)nC 02-
 (4 )
C2
Further details of these investigations will be published 
later.
M . C . R. S y m o n s
Chemistry Department 
Battersea Polytechnic 
London, S .W .ll
(Received November 1952)
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436. The Oxidation of Carboxylic Acids Containing a Tertiary 
Carbon Atom.
By J. K e n y o n  and M. C. R. S y m o n s .
Contrary to the commonly held view, hydroxy-carboxylic acids 
R R /C(0H)*[CH2],4*C02H are obtained from the corresponding branched-chain 
carboxylic acids by potassium permanganate in dilute alkaline solution 
only in limited yield and only when n =  2. When n — 0 or 2, the use of 
permanganate in concentrated alkaline solution gives yields of 50— 90%.
When n — 2, replacing permanganate by manganate in dilute alkaline 
solution gives the hydroxy-acids in 70— 80% yield. Neither procedure 
leads to ^-hydroxy-acids.
F o r  study of the mechanism of replacement by hydroxyl of a hydrogen atom attached to 
a tertiary carbon atom, a reaction was chosen which is given in many textbooks as a 
general method for the preparation of hydroxy-carboxylic acids (e.g., Rodd, " Chemistry 
of Carbon Compounds,” Elsevier, Amsterdam, 1951, p. 780), namely, the oxidation of 
branched-chain carboxylic acids by the use of potassium permanganate in dilute alkaline 
solution :
RR'CH-CCHJn-COiH— ^  R R 'C (0H )-[C H 2]n-C 02H
The factual basis for this general method is, however, somewhat slender. Hydroxy- 
acids constitute only a small part of the oxidation products of branched-chain carboxylic 
acids (Meyer, Annalen, 1883, 219, 234; 220, 1; Miller, ibid., 1880, 200, 261; Ladenburg 
and Rugheimer, Ber., 1880, 13, 373; Fittig and Bredt, Annalen, 1881, 208, 59; Fittig 
and Thron, ibid., 1899, 304, 285), and, since 1899, only two references to the use of this 
reaction have been found, neither of which reports the formation of the expected products 
(Lawrence, J., 1899, 531; Proc., 1900, 1541; 1901, 47; Linstead and Mann, J., 1930, 
2064).
Nevertheless, attempts have been made to convert several carboxylic acids into the 
corresponding hydroxy-acids by the use of the prescribed reagents (see 3rd col. of Table).
Oxidation of carboxylic acids to hydroxy-carboxylic acids.
Yield (%) of hydroxy-acid by  use of
No. _ Acid oxidized . KMnO* in dil. NaOH K M n04 in conc. NaO H  K 2M n04 in dil. NaO H
0 
0 
0 
0 
80  
70  
70
Acids n os- 1. 4,' 5 underwent little  or no oxidation w ith the following reagents : H 20 2 (30%) in 
H 20 , A cOH, or H-COaH : K 2Cr20 7 in dil. H 2S 0 4 at 100° : K M n04 in boiling COMe2 for 12 hr. Acid 
no. 2 underwent rapid reaction w ith Fenton's reagent at room temperature w ith copious evolution of 
C 0 2 : acetophenone (20%) and unchanged m aterial (50%) were isolated. Acids nos. 1 and 5 appeared 
to  be com pletely degraded to  COa by Cr03 in AcOH and A c20 .
1 CHMeEt*C02H  .................  trace 80
2 CHM ePh-C02H  ................ • qq
3 CHMe2-CH2-C 02H  ...........  ”o 0
4 CHMeEt*CH2*C02H  ......  0 0
5 CHMeEt-CH2-CH2-COoH 10 70
6 CHMePh*CH2*CH2*C02H ■ 10 50
7 CHMeBu-CH2-CH2-C02H  —  60
In each instance, a quantity of potassium permanganate was consumed equivalent to that 
required for the oxidation of the acid to the corresponding hydroxy-acid but only very 
snail quantities of the corresponding a-hydroxy-acids, no p-hydroxy-acids, and less than 
10% of the theoretical quantity of y-hydroxy-acids could be isolated. The formation of- 
large quantities of carbonate, and the recovery of about 50% of unchanged starting material, 
showed that the main oxidation was deep-seated and that the reaction is unsatisfactory 
as a general preparative method. Experiments at lower temperatures and greater dilutions 
were no more satisfactory.
Numerous attempts to effect the desired type of oxidation by other oxidants were 
uniformly unsuccessful (see footnotes to Table). The conditions employed for oxidation 
with potassium dichromate were similar to those used by Lawrence (J., 1899, 531), in the 
conversion of Aopropylsuccinic acid into terebic acid and of wopropylglutaric acid into 
terpenylic acid, but differed in that the reaction mixture was not homogeneous.
Accordingly, attention was again directed to potassium permanganate in alkaline 
solution. Since the required oxidation represents a two-electron change (as distinct from 
the reduction of permanganate to manganese dioxide, which is a three-electron change), 
it was expected that the reaction process might be considerably simplified by (a) greatly 
increasing the concentration of alkali so that the permanganate could be reduced only as 
far as manganate (a one-electron change) and (b) using potassium manganate in dilute 
alkaline solution (reduction to manganese dioxide is then a two-electron change). Each 
of these modifications proved partly successful (see Table) : method (a) gave very good 
yields of a- and y-hydroxy-acids, but still no (3-hydroxy-acids; method (&) gave good 
yields of y-hydroxy-acids but no a- or p-hydroxy-acids. The most satisfactory method 
of preparing y-hydroxy-acids from y-branched-chain carboxylic acids is by a combination 
of the two procedures. This differs from the more usual oxidation with potassium per­
manganate in dilute alkaline solution in that, by suitable adjustment of the concentration 
of alkali, the two stages in reduction (Mn04' — ^ Mn04" — > MnOa) are consecutive 
and not simultaneous.
The failure to isolate even small quantites of (3-hydroxy-acids may be due to the ready 
formation of substituted acrylic acids, which would rapidly be oxidised further Under the 
conditions employed. The isolation of ketones RR'CO and large quantities of carbon 
dioxide from the products supports this suggestion.
E x p e r im e n t a l
Preparation of Branched-chain Carboxylic Acids .— a-Methylbutyric acid, prepared in 61% 
yield from malonic ester, had b. p. 63— 64°/2 mm. (Found : equiv., 102-3. Calc, for C5H 10O2 : 
equiv., 102); its ^-bromophenacyl ester had m. p. 54-5° (Kenyon and Ross, J., 1951, 3410, 
give m. p. 55°).
P-Methylvaleric acid, similarly prepared in 65% yield, had b. p. 63°/l mm. (Found : equiv., 
115-8. Calc, for C6H 120 2 : equiv., 116); its p-bromophenacyl ester had m. p. 36-5° (Sabetay 
and Panouse, Compt. rend., 1947, 225, 887, give m. p. 36°).
4-Methylhexanoic acid, prepared in 53% yield, had b. p. 85°/2 mm. (Found: equiv., 130. 
Calc, for C7H 140 2 : equiv., 130); its p -bromophenacyl ester formed plates, m. p .'63— 64° (Found : 
Br, 24-55. C15H 190 3Br requires Br, 2.4-4%); its S-benzylthiuronium salt formed plates, m. p.
142° (Found : N, 9-65. C15H 240 2N 2S requires N, 9-5%).
4-Methyloctanoic acid was prepared from 4-hydroxy-4-methyloctanoic lactone (see below) 
by Cason’s procedure (J. Amer. Chem. Soc., 1944, 66, 1764). The lacton e(18 g.) and thionyl 
chloride (50 g.) in benzene (30 c.c.) were heated under reflux for 3 hr., then mixed with absolute 
ethanol (100 c.c.) and saturated at 0° with hydrogen chloride. Distillation of the product 
yielded ethyl 4-methyloctenoate (41-1 g.), b. p. 76— 79°/3 mm., together with unchanged 
lactone (2 g.), b. p. 90— 93°/2 mm. Hydrogenation of this (10 g.) in absolute ethanol (100 c.c.) 
at low pressure in the presence of platinum oxide (0-15 g.) during 0-5 hr. gave the saturated 
ester (7-9 g . ; b. p. 108°/2 mm.) and thence by hydrolysis 4-methyloctanoic acid (6 g.), b. p. 
110° j 2 mm. (Found: equiv., 158-3. Calc, for C9H 180 2 : equiv., 158). The S-benzylthiuronium 
salt formed needles, m. p. 135° (Found : N, 8-7. C17H 280 2N 2S requires 8-65%).
a-Phehylpropionic acid (Campbell and Kenyon, J., 1946, 25) gave a S-benzylthiuronium salt, 
plates, m. p. 146° (Found : N, 8-9. C19H 240 2N 2S requires 8-9%).
a-Phenylpropionic acid (15 g.) in ethereal solution was reduced by lithium aluminium hydride 
(4-75 g.), and the resulting hydratropyl alcohol (11-9 g . ; b. p. 62— 63°/0T mm.) converted by  
phosphorus tribromide into hydratropyl bromide (12-6 g . ; b. p. 49°/0-l mm.), which, by con­
densation with malonic ester in the usual way, afforded y-phenyl-w-valeric acid (5-6 g.), b. p. 
98°/0-l mm. [S-benzylthiuronium salt, plates, m. p. 134° (Found : N, 8-1. C19H 240 2N 2S
requires N, 8-1%)].
Preparation of Hydroxy-acids and Lactones.—a-Hydroxy-a-methylbutyric acid, prepared 
from ethyl m ethyl ketone (via the bisulphite compound and the cyanohydrin) in 63% yield, 
had b. p. 117-5°/12 mm., m. p. 69-5— 70-5° (after sublimation) (Found : equiv., 117-2. Calc, 
for C5H 10O3 : equiv., 118).
[3-Hydroxy-(3-methyl-v-valeric acid, prepared from ethyl bromoacetate and ethyl methyl 
ketone in 68% yield, had b. p. 138— 139°/18 mm. (Found : equiv., 131-3. Calc, for C6H 120 3 : 
equiv., 132).
4-Hydroxy-4-methylhexanoic lactone, prepared from ethylmagnesium bromide and ethyl 
laevulate by Cason's method (loc. cit.) in 61% yield; had b. p. 73°/0-5 mm. (Found : equiv., 
127-6. Calc, for C7H 120 2 : equiv., 128). The S-benzylthiuronium salt of the hydroxy-acid 
formed plates, m. p. 142° (Found : N, 9-4. C15H 240 3N 2S requires N, 9-0%).
Atrolactic acid, prepared from acetophenone in 61% yield, had, after sublimation, m. p. 
91-3— 91-6° (Found: equiv. 165-7. Calc, for C9H 10O3 : equiv., 166); its S-benzylthiuronium 
salt formed plates, m. p. 160° (Found : N, 8-6. C17H 20O3N 2S requires N, 8-4%).
4-Hydroxy-4-methyloctanoic lactone, prepared from •n-butylmagnesium bromide and ethyl 
laevulate in 60% yield, had b. p. 84°/l mm. (Found : equiv., 156. Calc, for C9H 160 2 : equiv., 
156); the S-benzylthiuronium  salt of the hydroxy-acid formed needles, m. p. 116-5— 117° 
(Found: N, 8-25. C17H 280 3N 2S requires N, 8-3%).
y-Phenyl-y-valerolactone, prepared from phenylmagnesium bromide and ethyl laevulate 
in 45% yield, had b. p. 123°/l .mm. The hydroxy-acid, obtained as a precipitate from an 
aqueous solution of its sodium salt on acidification at 0°, separated from light petroleum in 
needles, m. p. 103-5— 104° (Found: equiv., 194-3. Calc, for C13H 180 3 : equiv., 194); its 
S-benzylthiuronium  salt formed plates, m. p. 127° (Found : N, 7-8. C19H 240 3N 2S requires N,
7-8%).
Oxidations.— “ AnalaR ” potassium permanganate and sodium or potassium hydroxide 
were used. The products were identified by conversion into the ^-bromophenacyl esters or 
benzylthiuronium salts (mixed m.- p. determinations).
(a) With potassium permanganate in dilute alkaline solution. In earlier experiments, the 
general procedure recommended by Meyer (loc. cit.) was followed. In later experiments, vari­
ations of temperature and concentration were made but only 4-methylhexanoic acid underwent 
oxidation in the desired way, to give 4-hydroxy-4-methylhexanoic lactone in 8-6% yield. 
In all cases, much unchanged material was recovered, with carbon dioxide and other products 
of deep-seated oxidation. The results are in the Table.
(b) With potassium manganate in dilute alkaline solution. The following general procedure 
was adopted. Potassium manganate was prepared by heating a solution of potassium perman­
ganate (6-3 g., 0-04 mol.) and potassium hydroxide (40 g.) in water (150 c.c.) on a steam-bath 
until the solution became green (30 min.). The cooled solution was partly neutralised with  
sulphuric acid (100 c .c .; 6 n ) ,  the carboxylic acid (0-04 mol.) added, and the green solution kept 
at 90° until the green colour was discharged (10— 30 min.). After removal of manganese 
dioxide, the solution was extracted with ether, and the aqueous layer acidified and again 
extracted with ether. This extract was dried (MgS04), the solvent evaporated off, and the pro­
duct distilled under reduced pressure. When y-hydroxy-acids were formed, the product was kept 
in a desiccator in vacuo over potassium hydroxide in order to convert them into lactones. The 
crude lactone was exhaustively shaken with saturated sodium hydrogen carbonate solution 
and then with ether. The ethereal layer was washed with water, dried (MgS04), and freed from 
solvent. The aqueous layer was acidified and treated in like manner. The results are in 
the Table.
(c) With potassium permanganate in concentrated alkaline solution. The following general 
procedure was adopted. The acid (0-02 mol.) in water (50 c.c.) containing potassium hydroxide 
(40 g,) was vigorously shaken with a solution (100 c.c.) of potassium permanganate (6-3 g., 
0:04 mol.) and potassium hydroxide (20 g.),' added drop-wise at 40° (dr 1°) during about 20 
min. The resulting green solution was cooled in ice and shaken with sulphur dioxide until 
colourless, after which the manganese dioxide was removed. The products were isolated, as 
in (b) above. The results are in the Table.
(d) Oxidation of y-branched-chain acids by procedures (b) and (c) consecutively. A solution of 
the acid (0-02 mol.) and potassium hydroxide (40 g.) in water (50 c.c.) was vigorously shaken 
at 40° with a solution (100 c.c.) containing potassium permanganate (2-1 g., 0-0167 mol.) and 
potassium hydroxide (6 g.), added drop-wise during ca. 6 min. The resulting green solution 
was partly neutralised with sulphuric acid (100 c.c.; 6 n ) and kept at 90° during 10 min., by  
which time the green colour was discharged. The products were isolated as in (b) above, the 
yields of y-hydroxy-acids being between 70 and 80%.
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719. The Oxidation of Carboxylic Acids containing a Tertiary 
Carbon Atom. Part II.*
By J., K e n y o n  and M. C. R. S y m o n s .
Two procedures have been described in Part I * whereby branched-chain 
carboxylic acids R R /CH,[CH2]n*C02H are converted into the corresponding 
hydroxy-acids R R /C(0H ),[CH2]to*C02H, the prescribed oxidants being (a) 
potassium permanganate in concentrated alkaline solution (n — 0 or 2) and 
(ib) potassium manganate in dilute alkaline solution (n =  2). Applied to optic­
ally active carboxylic acids, oxidations by method (a) result in complete 
loss of optical activity, whereas those by method (b) result in complete reten­
tion of activity. It is postulated that the radical ion R R /C,[CH2]ra,C 02“ and 
I H
the lactone RR'CffCHgh'CCh are the respective intermediates in these reac­
tions which, together, constitute an example of an oxidation which m ay  
proceed either by a single two-electron change or by two consecutive one- 
electron changes.
T h e  behaviour of several optically active branched-chain carboxylic acids of type 
RR'CH’[CH2]m*C02H, in which n =  0 or 2, R =  Me, and R' =  E t or Ph, when subjected 
to oxidation by (a) potassium permanganate in concentrated alkaline solution and (b) 
potassium manganate in dilute alkaline solution, has been studied. In Part I,* it was 
reported that the use of permanganate afforded good yields of the corresponding hydroxy- 
acids RR'C(0H)*[CHJn*C02H when n — 0 or 2, whilst the use of manganate led to good 
yields of the corresponding hydroxy-acids, when n =  2. It is now shown that the products 
obtained from optically active acids by oxidation with permanganate are devoid of optical 
activity, whereas with manganate there is no loss of activity. Since both reactants and 
products are optically stable in hot concentrated alkaline solution, the two reactions must 
proceed by different mechanisms.
There is considerable evidence (contributed largely by McKenzie 'et at.) that extensive 
racemisation occurs during the alkaline hydrolysis of a-substituted carboxylic esters, and 
Kenyon and Young (J., 1940, 216) have found that such esters readily racemise in the 
presence of sodium ethoxide. This racemisation, which may be a consequence either of
the formation of the ion RR'C*C02Et or of a series of inversions in which the solvent 
participates (Dewar, “ Electronic Theory of Organic Chemistry,” Oxford Univ. Press, 
London, 1949, p. 110), is not observed when optically active branched-chain carboxylic 
acids are heated for several hours in concentrated alkaline solution. This precludes any 
mechanism involving an initial ionization of the type :
RR'CH*[CH2]n-C02-  +  O H ----- >■ RR'C-[CH2y  C02~ +  H20
followed by an electron-transfer reaction as postulated by Drummond and Waters (J., 
1953, 435) for oxidations by alkaline permanganate. It may, therefore, be concluded that 
the first step in either mechanism is an attack by the oxidant at the “ tertiary ” hydrogen 
atom, leading to its removal as an atom or negative ion. Removal of hydrogen as an 
atom would result in the radical ion RR'C*[CH2]ra*C02“ becoming kinetically free during the 
reaction, with consequent extensive racemisation. Since, in reactions with permanganate 
the oxidant undergoes a one-electron change and the hydroxy-acids obtained are devoid 
of optical activity, it is postulated that such reactions proceed by a free-radical mechanism.
On the other hand, removal of hydrogen, together with both its bonding electrons,
+
would result in formation of a zwitterion of type RR 'O jEty^CO g- . The behaviour of
* The com m unication “ The O xidation of Carboxylic Acids containing a Tertiary Carbon A tom ,” J., 
1953, 2129, is regarded as Part I.
optically active halogeno-carboxylic acids (Hughes, Quart. Reviews, 1951, 5, 255) shows 
that the formation of an intermediate of this type results in complete inversion of configur­
ation about the positive carbon atom. Since, during reactions with manganate, the oxidant 
undergoes a two-electron change and there is no loss of optical activity during the reaction, 
it is concluded that these oxidations probably proceed by this alternative mechanism.
Discussion.-—Reactions between branched-chain carboxylic acids and permanganate 
in dilute alkaline solution are slow, even at elevated temperatures, and result in extensive 
degradation of the acid when the concentration of alkali is high, the reaction is rapid, 
proceeds at room temperature, and leads to hydroxy-acids, which are not further attacked. 
Although it is possible that the change in mode of reaction is due to the stabilisation of the 
manganate ion by the alkali, this can hardly account for the marked change in the rate of 
oxidation. It may be that a new mode of attack is involved which is related to the large 
increase in. the rate of decomposition of permanganate with increase in concentration of 
alkali:
4KMn04 4- 4KOH ► 4K2Mn04 +  2HaO +  0 2
It has been postulated that the first stage in this decomposition involves the formation of a 
free hydroxyl radical
Mn04~ -f O H - Mn042_ +  -OH
(Stamm, “ Newer Methods of Volumetric Chemical Analysis,” transl. by Oesper, Van 
Nostrand Co. Inc., New York, 1938; Symons, Research, 1953, 6, 5S), and a recent kinetic 
study (/., in the press) supports the view that this primary step is followed by the formation 
of the *0“ radical ion
•OH +  OH- -O- +  HaO
Accordingly, it is postulated that for reactions with permanganate, the active oxidant 
is the free hydroxyl radical or the *0~ radical ion :
RR'CH-[CH2]k-C0 2-  +  -OH----- *>► RR'C-[CHa]B-COa-  +  H20
R R '6 [C H 2V C 0 2-  +  -O H  ►- RR'C (0H )-[CH 2]„-C02-
Although oxidation of y-branched-chain carboxylic acids by manganate gives good 
yields of y-hydroxy-acids, that of a- or (3-branched-chain acids results in extensive degrada­
tion of the molecule. It may be that in strongly alkaline solution zwitterions containing 
positive a- or (3-carbon atoms readily eliminate a proton to form substituted acrylate ions, 
which would be susceptible to further attack, but that the removal of a hydride ion from 
the y-carbon atom is facilitated by a simultaneous nucleophilic attack by the #C02~ group 
on the y-carbon atom to give a y-lactone, which would then be hydrolysed to the salt of 
a stable hydroxy-acid
-oco o-co
| ^ cH
RR'CH-tCHJa-COa- +  M n O /-  RR'(>CH2 2 •------► RR'C-CHj, +  H M n043~
• i
.TI— M n C y -
HMn043-  +  H20 ----- ► Mn02 +  30H~
I 0 I
RR'C-CHa-CHa-CO +  O H -  -----►- RR'C(OH)-[CH2] 2-COa-
Tn general, no evidence relating to the mechanism of oxidation by potassium permanganate 
in dilute alkaline solution (Mn04~ — Mn02) has been obtained. However, oxidation 
of optimally active 4-methylhexanoic acid (C02H =  1) by this reagent yielded 4-hydroxy- 
4-methylhexanoic acid in small quantities, which possessed a rotatory power considerably 
smaller than that required for complete retention of optical activity. It is therefore 
possible that both types of reaction contributed to its formation. However, since the 
hydroxy-acid is unaffected by permanganate, and since the main part of the reaction 
consisted of a deep-seated oxidation, it is inferred that neither process contributes exten­
sively to the main reaction.
The most cogent evidence in favour of the dual mechanisms resides in their complemen­
tary nature. Thus, it is expected that one mechanism would result in slight, and the other 
in extensive, racemisation : and two procedures have been found which exhibit these 
characteristics to the fullest extent.
E x p e r im e n t a l
The preparation and characterisation of the racemic forms of the reactants and products, 
and the general procedures used for oxidation, are described in Part I {loc. cit.).
Preparation of Optically Active Branched-chain Carboxylic Acids.— ( 4 ) -oc-Methylbutyric 
acid, prepared from a mixture of ( — )-2-methylbutanoT obtained from fusel oil (Le Couteur, 
Kenyon, and Rohan, J. Appl. Chem., 1951, 1, 341) and ( 4)-2-m ethylbutanol, had b. p. 64°/2 
mm., +6-2° {I, 1-0) (optical purity 35-5%).
( -)-a-Phenylpropionic acid, partially resolved via its strychnine salt (Ott and Kramer, 
Ber., 1935, 68, 1651), had b. p. 96— 97°/0-l mm., af>° —9-07° {I, 0-5) (optical purity 17-5%).
(+  )-y-Phenylvaleric acid, prepared from ( — )-a-phenylpropionic acid, af,0 —9-07° (I, 0-5), 
had m. p. 16°, b. p. 98°/0T mm., af? +1-84° {I, 0-5). [The optical purity calculated from the 
datum of Levene and Marker {J. Biol. Chem., 1935, 110, 329) is 17-5%, thus indicating that no 
racemisation occurred during the synthesis.]
(_)_)_4-Methylhexanoic acid, prepared from a m ixture-of ( — )-2-methylbutanol (20%) and 
(_j_)_2-methylbutanol (80%) by conversion into the bromide, followed by a malonic ester 
synthesis, had b. p. 85°/2 mm., af,0 +1-00° {I, 0-5) (optical purity 20%).
Preparation of Optically Active Hydroxy-carboxylic Acids.— (-j-)-oc-Hydroxy-a-phenylpro- 
pionic acid, partially resolved via its quinine salt (Wren and Wright, J., 1921, 119, 798), had 
m. p. 112°, af? +1-2° {I, 2; c, 5 in abs. EtOH).
( +  )- and ( — )-y-Phenyl-y-valerolactone were prepared from the brucine salt of the hydroxy- 
acid. Brucine (13-6 g.) was dissolved in an ice-cold solution of the (±)-hydroxy-acid (6-8 g.) 
in aqueous ethanol (75%), and some solvent removed in vacuo, since, when heated, the brucine 
salt tends to decompose into brucine and the lactone. After 7 days, the separated crystals (A) 
were removed [3-4 g . ; m. p. 95° (decomp.)]. After removal of three further crops, obtained by 
evaporation under reduced pressure, the mother-liquors were partially evaporated and cooled 
to 0°, and the separated crystals (B) dissolved in water and acidified at 0° with dilute hydro­
chloric acid. The precipitated y-hydroxy-y-phenylvaleric acid, m. p. 120°, by repeated dis- 
. tillation with benzene, was converted into the y-lactone, b. p. 99°/0T mm., a^ +27-9° {I, 0-5). 
Similarly, the final mother-liquors from (B) gave ( + ) -y-phenyl-y-valerolactone, aI? +27-8°  
{I, 0-5). Three recrystallisations of crop (A), from 75% alcohol gave ( —)-y-phenyl-y-valero­
lactone, b. p. 103°/0-5 mm., af,0 —27-95° {I, 0-5). Recrystallisation of the brucine salt did not 
alter the rotatory power of the lactone.
( — )-4-Hydroxy-4-methylhexanoic lactone was prepared from the ( — )-l-phenylethylam ine 
salt of the hydroxy-acid. Since no reaction occurred when 1-phenylethylamine was warmed 
with the lactone, and since the hydroxy-apid is very readily lactonised, the following procedure 
was adopted. A vigorously stirred, ice-cold mixture of ether and an aqueous solution of the 
sodium salt of the hydroxy-acid was acidified with dilute hydrochloric acid, and the ethereal 
solution of the liberated hydroxy-acid immediately added to an ethereal solution of an equivalent 
quantity of ( —)-1-phenylethylamine, af? —44-7° (I, 1-0). The precipitated salt, m. p. 112°, was 
recrystallised five times from acetone, the resulting needles, m. p. 122-5°, were dissolved in 
water, the solution was cooled and acidified, and the liberated hydroxy-acid extracted with  
ether. Repeated distillation with benzene to ensure complete lactonisation gave ( — )-4-hydroxy- 
4-methylhexanoic lactone, b. p. 64°/0-5 mm., af>° —7-2° {I, 0-5). Two further crystallisations 
altered neither the m. p. of the salt nor the rotation of the lactone.
. ( + ) -4-Hydroxy-4-methylhexanoic lactone was prepared from the brucine salt of the hydroxy- 
acid. This salt, prepared as described for the 1-phenylethylamine salt, had m. p. 91°, raised to  
97-5° after ten recrystallisations from acetone. Decomposition of the resulting needles gave 
( 4 ) -4-hydroxy-4-methylhexanoic lactone, b. p. 64°/0T mm., af,0 +7-15° {I, 0-5). The m. p. 
of the salt and the rotation of the lactone were not altered by two further recrystallisations.
Oxidations.— (a) With potassium permanganate in  concentrated alkaline solution. ( +  )-a- 
Methylbutyric acid, af? +3-1° {I, 0-5), gave a-hydroxy-a-methylbutyric acid, b. p. 117°/11 mm., 
m. p. and mixed m. p. 71°, af? 0-00° (Found : equiv., 117-1. Calc, for C5H 10O3 : equiv., 118).
( —)-a-Phenylpropionic acid, af,0 —9-07° [I, 0-5), gave a-hydroxy-a-phenylpropionic acid, 
m. p. and mixed m. p. 89°, a!0 0-00° [I, 0-5) (Found : equiv., 166-5. Calc, for C9H 10O3 : equiv., 
166).
(4)-4-M ethylhexanoic acid, af? +1-00° [I, 0-5), gave 4-hydroxy-4-methylhexanoic acid, 
which, after repeated distillation with benzene, gave the lactone, b. p. 65°/0-5 mm., af? 0-00° 
{I, 0-5) (Found : equiv., 128-3. Calc, for C7H 120 2 : equiv., 128).
(-j-)-y-Phenylvaleric acid, af? - f l-8 4 0 [I, 0-5), gave y-hydroxy-y-phenylvaleric acid, b. p.
82°/0-l mm., m. p. and mixed m. p. 104-5° (Found : equiv., 194. Calc, for Cn H 140 3 : equiv., 
194), which, after repeated distillation with benzene, gave the (-t)-lactone, b. p. 122°/l-0 mm., 
af? 0-00° (I, 0-5).
(b) With potassium manganate in dilute alkaline solution. (-(-)-4-Methylhexanoie acid, af? 
-f2-00a (I, 1-0), gave ( +  )-4-hydroxy-4-methylhexanoie lactone, b. p. 85°/2 mm., af? -F1 *43°
1-0) (Found : equiv., 126-9).
(-j-)-y-Phenylvalerie acid, af? -(-1-84° (I, 0-5), gave y-hydroxy-y-phenylvaleric acid, b. p. 
102°/1 mm., m. p. 107-5— 111-5° (Found : equiv., 194-1. Calc, for C11H 140 3 : equiv., 194), 
converted by repeated distillation with benzene into th e ( + ) -lactone, b. p. 123°/1 mm., af? +4-99° 
(/, 0-5)i.
(c) With potassium permanganate in  dilute alkaline solution. (-(-)-4-Methylhexanoic acid, 
af? -f  2-00° (I, 1-0)', gave (+)-4-hydroxy-4-m ethylhexanoic lactone, b. p. 85°/2 mm., af? +0-61°  
(•/, 1-0) (Found : equiv.,, 127-6).
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809. The Mechanism of Decomposition of Potassium Permanganate in 
Alkaline Solution and its Bearing on Oxidation by this Reagent.
The rates of change in colour of permanganate and of oxygen evol­
ution have been measured for the reaction 4M n04~ +  4 0 H -  — ► 
4M n042" +  2HaO +  0 2. The results obtained for the first 65% and for 
the last 35% of the decomposition are in agreement, respectively, with the 
equations
where K z, K it K s, and K 7 are constants, a is the initial concentration of 
permanganate, b the concentration of alkali, and S2 and S3 are respectively 
the slopes of the lines obtained by plotting time against (i) the reciprocal of 
the concentration of permanganate for the last 35% , and (ii) that of the 
square of the concentration of permanganate for the first 65%  of the 
decomposition.
A mechanism involving the intermediate formation of the radicals and 
ions *OH, *0“, HOa“, and *02~ is proposed, and the contribution made by  
these particles to oxidations by permanganate is discussed.
T h e  rate of the reaction 4Mn04~ +  40H~ —►  4Mn042~ +  2H20  +  0 2 was measured at 
various temperatures and concentrations of alkali by Ferguson, Lerch, and Day (J. Amer. 
Chem. Soc., 1931, 53, 126), who, however, reached no conclusions as to the mechanism of 
the reaction. Working at concentrations of alkali below 0-72m, Duke (ibid., 1948, 70, 
3975) found that the reaction rate is greatly increased by addition of barium ion to 
precipitate manganate; the reaction then follows a zero-order law. Since under these 
conditions the reaction was heterogeneous, Duke postulated that the rapid equilibrium 
reaction Mn04~ +  H20  —► Mn042~ +  H+ +  -OH is followed by a slow adsorption of 
hydroxyl radicals on the glass surface, where they combine to form hydrogen peroxide, 
which is then rapidly oxidized to give oxygen.
The theory that the free hydroxyl radical is the active oxidizing agent in many reactions 
of alkaline permanganate, first postulated by Stamm ( Newer Methods of Volumetric 
Analysis,” trans. by Oesper, Van Nostrand Co. Inc., New York, 1938), has recently been 
criticized by Drummond and Waters (J., 1953, 435). I t  has, however, been invoked to 
explain certain observations concerning the oxidation of optically active branched-chain 
carboxylic acids by means of potassium permanganate in concentrated alkaline solution 
(Kenyon and Symons, J., 1953, 3580).
In an attempt to throw more light on the problem, the rate of decomposition of perman­
ganate has been measured photometrically at 25° for alkali concentrations between 2’76 
and 7-73m. The reactants were mixed in glass-stoppered Pyrex test-tubes, and portions 
removed and diluted for measurement, the dilution effectively quenching the reaction. 
Absorption by the green manganate ion was minimized by fitting green filters (No. 5) to 
the " Spekker ” photometer, and the small residual absorption by this ion was readily 
estimated since the absorptions caused by manganate and permanganate were additive. 
The validity of this method was checked by comparing the results with those obtained by 
measuring the rate of evolution of oxygen. The rates of decomposition were sensibly the 
same, whether the reaction mixture was kept in darkness or exposed to bright light, 
maintained at reduced pressure, or kept in contact with fine glass helices. Consistent 
results were only obtained by either procedure when the water was twice distilled from 
permanganate in concentrated alkaline solution and all glassware was repeatedly washed 
with a similar solution.
By M. C. R. S y m o n s .
Up to 65% decomposition, a plot of the square of the reciprocal of the permanganate 
concentration against time is linear. For a fixed concentration of alkali, the slopes obtained 
are proportional to the initial concentration (a) of permanganate raised to a power between 
—2 and — 3; for a fixed initial concentration of permanganate, the slopes are proportional 
to the concentration (b) of alkali raised to a power between 3 and 4. For the remainder of 
the decomposition, the reaction changes and a plot of the reciprocal of the concentration of 
permanganate against time is linear. Again, the slopes are proportional to between the 
third and the fourth power of alkali, but now to the initial concentration of permanganate 
raised to a power between —1 and —2. The results of a series of experiments for which 
the concentration of alkali was 7-73m are shown as a third-order plot covering 65% 
decomposition in Fig. 1 and as a second-order plot covering 90% of the reaction in Fig. 2.
Only one formulation has been found which gives rise to a kinetic expression compatible 
with these results. In arriving at this formulation, it has been assumed that only simple
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electron- and proton-transfer reactions take place, that no reaction occurs between un­
stable intermediates, that permanganate is not even transiently reduced beyond the 
manganate stage, and finally, that the hydroxyl ion, being present in large excess, will 
undergo reaction at all possible stages.
=25= Mn04a-  +  -OH 
=25= -Cr +  HzO 
=*= Mn042-  +  H 02-  
^  Mn04a_ +  H 02 
—  o 2~ +  H 20  
->- Mn042-  4- 0 2
by variation in
( 1)
(2)
(3)
(4)
(5)
(6)
the rate
Mn04-  +  OH- 
•OH +  OH- 
Mn04-  -f OH" +  -O- 
Mn04-  +  H 02~
H 02 +  OH- :
Mn04-  +  0 2~ ■
the total reaction is unaffectedSince  of n tt a D m oxygen pressure, 
reaction (6) must be irreversible, and hence application of Christiansen’s formulation 
(Z. 'physikal. Chem., 1936, 33, B, 145; 1937, 37, B, 374) leads to the expression
, K^x2 , K„xz K axz
i 7Z  rXaia "T
ck
dx
K i + K%x(a — x)b (a — x)b2 +
K 3x
where K* =
x)2b3 (a — x)3bs (a — x)364
^—1 j r    h -ik -2
+ x)%4
etc.
x)(k and k_ being the rate constants of the forward and the reverse reactions), and (a 
and x representing the concentrations of permanganate and manganate at time t.
The term involving (a — x)~4 would give rise, on integration, to an expression containing 
(a — x)~3. In order to be compatible with the experimental results, it must be assumed
that K 6 is small and that the sixth term in this expression may be neglected for the first 
part of the reaction. After integration, this expression becomes
“ A ( K 3 - 2 K ,  S K A  r  a2 -| ( K ,  K 5a\
■ - r \ a - x  A  & |j a *)2 4J y2bs ^  2 )
This equation may be solved for K lf K 2> K z, K it and K 5. However, since the 
experimental results give a linear plot of t against 1 /(a — x)2, it may be deduced at once, 
if this formulation is correct, that t is governed largely by the terms involving I/(a — x)2, 
and hence that K lt K 2, and K z are not appreciably greater than X4 or K 5. The present 
results cannot be used to give further information regarding the values of K x, K 2, and K z, 
though more precise measurements during the initial stages of reaction might prove useful 
in this respect. At a first approximation, therefore, all terms other than those involving 
I/(a — x)2 may be considered constant, and the following relation should hold :
l / Sz =  a2K j2b*  +  «3X 5/264 ................................   . (i)
where Sz is the slope of the graph of t against 1 /(a — x)2.
In order to compare this equation with the results obtained during the first 65% of 
decomposition, a representative number of experimental values were substituted and the 
resulting equations solved in pairs for X4. The values of K 5 given in col. 7 of Table 1
were then calculated for each experiment, an average value of 920 for X 4 being used,
T a b l e  1.
Series 103<z(m) b(m) s 2 10~35g io-5a 7 io ~*k5 Series 103a(M) 6(m) 10-3S3 10 ~5K 7 10~5KS
IA 2-9 7-73 15-5 29-8 80-1 74-0 IIA 2-325 2-76 — 1-2 66-1
IB 3-86 10-8 13-3 77-2 74-8 IIB 5-8 0-135 0-085 92-8 66-0
IC 4-83 7-94 7-1 77-0 74-6 IIIA 1-45 3-58 3 12 81-5 67-2
ID 6-15 5-40 3-55 83-1 75-0 IIIB 2-9 — 1-7 — 67-8
IE 9-67 2-80 0-97 78-5 74-2 IVA 47-5 7-73 0-175 0-011 78-5 59-3
As x —► a, the reaction would be expected to become of fourth order, whereas, in fact, it 
becomes of second order in permanganate. It must, therefore, be assumed that there is an 
alternative route for the formation of oxygen when the concentration of permanganate is 
small. It is known that hydrogen peroxide decomposes rapidly in concentrated alkaline 
solution though the rate of decomposition is reduced if the alkali used has been specially 
purified (Shanley and Greenspan, Ind. Eng. Chem., 1947, 39, 1536). The rate of 
decomposition is greatly increased by addition of traces of heavy-metal ions, such as are 
present in “ AnalaR ” grade sodium hydroxide. One possible mode of decomposition is :
(7) H O r  +  X  +  O H -  -----► X 2-  +  h 2o  +  o 2
(where X and X2~ are respectively the oxidized and the reduced form of the catalyst), 
followed by re-oxidation of X2- to X.
Replacement of equations (4), (5), and (6) in the previous formulation by (7), treatment 
of (7) as irreversible, and application of Christiansen's formulation results in the expression
dt_ K x K 2x K zx K 7x2
dx (a — x)b (a — x)b2 {a — #)263 {a — x)264[X]
where [X] is constant and K 7 =  &_1&_2&_3/&1&^kzk7. By using a procedure similar to that 
previously described, the terms, obtained by integration, having (a — x) in the denomin­
ator, may be rearranged to give
1/S2 =  aKz/b3 +  a2K 7/bi ......................................   . (ii)
where S2 is the slope of the graph of t against 1 /(a — x).
Col. 6 of Table 1 contains values of K 7 obtained for each experiment by assuming an 
average value of 7-24 X 103 for Kz obtained from equation (ii) by substituting a represent­
ative number of experimental figures and solving for K z in pairs.
The values for K 5 and K 1 are reasonably constant for a fixed concentration of alkali, 
and the small variation with a large change in the concentration of alkali may well be due 
to a change in the activity coefficient of the hydroxyl ion, for which no allowance is made. 
It is considered that the results obtained from measurements of the rate of oxygen evolution 
(Series IV) show that the photometric method is satisfactory. At the same time, the 
similarity of the results obtained by the two methods serves to show that there is 
no accumulation of any of the intermediates involved, and justifies the application of 
stationary-state kinetics.
T a b l e  2.
Stage
G°
(kcal. /mole) K' k+jk_ 3 ft— !& — 3 Stage
G°
(kcal. /mole) K' k 4- /  ^—3 k_jk_ 3
(1) +  33 10-24 -- . -- (5) -  9-1 107 10 10-®
(2) 0 1 -- -- (6) - 2 6 101* — —
(3) ' -18-6 1013 1013 1 (?) — — 10-3 —
(4) +  5-6 10“4 8 8 X 104
Accordingly, it is postulated that this alternative route for the formation of oxygen, 
namely, the catalysed decomposition of hydrogen peroxide, although of no importance 
during the major part of the reaction, predominates when the concentration of permanganate 
is low. I t is hoped that further light may be thrown on this aspect of the problem by the 
use of more highly purified sodium hydroxide.
D is c u s s io n
Duke {loc. cit.) formulates the first stage in the decomposition as a reaction between 
permanganate ions and water rather than hydroxide ion, since he maintains that reactions 
between ions of like charge are improbable. However, the reverse step constitutes a 
reaction between three particles, all of which are present in minute concentration. This 
difficulty is partially overcome by the sequence
M n04-  +  H 20  > - M n042~ +  OH +  H+
M n042- +  O H ------ ► M n04~ +  OH~
but the reaction would then become independent of the concentration of alkali, which is 
contrary to observation. The theory that hydroxyl radicals are intermediates in fast 
reactions between permanganate and other negative ions is unlikely if stage (1) is accepted. 
As an alternative, it is postulated that direct electron-exchange reactions between negative 
oxy-ions may be facilitated by their size and ease of polarization.
The formation of the radical ion *0~ would, a priori, seem probable in strongly alkaline 
solution, and there is some evidence for its formation in alkaline solution (Gordon, Hart, 
and Hutchison, J. Amer. Chem. Soc., 1952, 74, 5548). If it be assumed that the acid 
strengths of hydroxyl radicals and water are comparable, then the free-energy change for 
stage (2) is zero (Weiss, J. Chim. phys., 1952, 48, cl, concludes that K 0H should be at least 
as great as that of H20 2). The third stage, which is unlikely to be a single reaction between 
three negative ions, probably comprises the three reactions Mn04~ +  0~ — ► Mn042~ +  O ; 
O +  OH- —>- H 02- ; and Mn042~ +  H 02- —► Mn04~ +  OH" +  -0".
The approximate standard free-energy changes (AG°) and hence the equilibrium 
constants (K ') for the individual steps in the postulated mechanism have been calculated 
from the values given by Latimer (“ Oxidation Potentials/' Prentice-Hall Inc., New York, 
1952) and are given in Table 2, together with values for the velocity constants k3, k_3, kit 
k-i, k5, k-5, and k7 expressed as multiples of k_3, which have been derived from the 
equilibrium constants and the observed values for K 3, K it K s, and K 7.
In arriving at these values, no allowance has been made for the extra energy required 
to overcome the repulsive forces between the negative ions involved in stages (1), (3), (4), 
and (6). The tabulated free-energy values may therefore require considerable modification, 
but, since the permanganate ion is large, a quantitative estimation would be difficult and 
has not been attempted. A consideration of these figures suggests that, provided K 6 is 
large, which is probable, k_5/k6 is very small, which is in agreement with the main part of 
the reaction being of third, rather than fourth, order. It is possible that the radical ion *0~
has a high mobility as a result of exchange reactions such as O '  +  OH" — O H ' -f- mO~ 
or *0 ' +  H20  O H ' *0H H20  +  *0~ which would, in part, explain the very
large value derived for kz.
The experiments described above show that when the concentration of alkali is greater 
than 2-76n , the reaction is affected neither by light nor by the area of solid surface. How­
ever, Duke’s results indicate that at relatively low concentrations of alkali, the reaction 
does become heterogeneous.
The assumption that permanganate is not transiently reduced beyond the manganate 
stage seems justified, since no formulation has been found involving, say, Mn043~, which 
fits the kinetic results. It is noteworthy, however, that when manganate solutions are 
heated with a large excess of alkali, more oxygen is evolved and a bright blue compound is 
formed. This is presumably a compound of quinquevalent manganese (Mn043~) (Lux, 
Z. Naturforsch., 1946, 1, 281) and may well be formed by a similar mechanism. It is, 
therefore, considered that these results support the theory that potassium permanganate 
may act as a source of free hydroxyl radicals (or -O' radical ions) when in concentrated 
alkaline solution, although there seems no reason to suppose that its usual mode of reaction 
is via attack by these radicals. In fact, it would seem unreasonable to suppose that 
hydroxyl ions should yield electrons to pernlanganate more readily than a substance with 
a smaller electron affinity, unless the hydroxyl ions are in very great excess.
Drummond and Waters {loc. cit.) have given evidence that, under mild conditions, the 
permanganate ion only acts as an electron abstractor. The conditions used, however, 
were such that, in the absence of organic material, oxygen evolution would be negligible 
and it is therefore possible that they would have failed to detect oxidation due to attack 
by the hydroxyl radical or the *0' radical ion. That may account, in part, for the 
differences found by these authors between the mode of reaction of alkaline permanganate 
and of Fenton’s reagent. [However, it is not certain that all oxidations by Fenton’s 
reagent are brought about by free hydroxyl radicals (Cahill and Taube, J. Amer. Chem. Soc., 
1952, 74, 2312), and many are known to be reactions with hydrogen peroxide catalysed 
by free hydroxyl radicals—a mode of reaction clearly impossible with alkaline 
permanganate.]
In accord with this is the deduction drawn from a study of the behaviour of optically 
active compounds (Kenyon and Symons, loc. cit.), viz., that the conversion of branched- 
chain carboxylic acids RR'CH*[CH2]n*C02H into the corresponding hydroxy-acids 
RR'C^H^CHy+COaH by the use of potassium permanganate in concentrated 
alkaline solution (Mn04~ — ►- Mn042')  proceeds via the formation of the radical-ions 
RR’C’fCH^+COg'. These reactions take place rapidly under conditions such that in 
dilute alkaline solution the acids are unaffected. Accordingly, it is postulated that the 
hydrogen abstraction is brought about by the hydroxyl radical or the *0~ radical-ion 
rather than the permanganate ion.
These two modes of oxidation of organic compounds
R H  +  O H - w  R -  +  H 20 ;  R -  +  M n04~ ------ ► R- +  M n042'
and
M n04-  +  O H - M n042-  +  -O H ; R H  +  -O H  ► R- +  H 20
both result in the formation of the radical R ’ as an unstable intermediate. An alternative 
mode of reaction involves the formation of a stable organic molecule by a two-electron 
change, together with a compound of quinquevalent manganese. Since, in strongly 
alkaline solution, compounds of quinquevalent manganese are relatively stable and the 
reaction Mn04“ +  Mn043~ — ► 2Mn042'  is fast, this mechanism seems to be compatible 
with the observed formation of manganate as an end-product. (Even if a compound of 
quadrivalent manganese were formed by disproportionation before oxidation occurred, 
this would still be .oxidized to manganate by permanganate in concentrated alkaline 
solution.)
Such a mechanism could account for the oxidation of pinacol and for the initial 
formation of a cfs-glycol when compounds containing an olefinic bond are oxidized by 
this reagent (Boeseken, Rec. Trav. chim., 1922, 41, 199). The alternative mechanism
proposed by Drummond and Waters (involving the transient formation of an organic 
radical-ion) does not explain m-addition, nor is it compatible with the observed reactions 
between potassium permanganate and acrylonitrile (Symons, Research, 1953, 6, 5S). 
Thus, it has been found that, when a few drops of neutral permanganate are added to a 
large excess of a saturated aqueous solution of acrylonitrile, manganese dioxide is rapidly 
formed, but no polymer separates. If a transient radical-ion were formed, this would 
either be capable of initiating polymerization itself, or would react with water to give a 
radical identical with that produced by reaction with hydroxyl radicals. (The observation 
that polymerization is initiated when concentrated alkali is present can hardly be due to a 
change in the properties of the permanganate ion but may well be the result of attack by 
radicals formed as a side reaction between permanganate and hydroxide ions.)
E x p e r im e n t a l
Materials —All reagents used were of “ AnalaR ” grade. Water for preparing solutions 
and for final washing of apparatus was twice distilled from permanganate in concentrated 
alkaline solution. Glassware was repeatedly washed with a similar solution of permanganate. 
The permanganate and hydroxide solutions were boiled and filtered before being standardized.
Procedure.—The desired quantities of sodium hydroxide solution and water were placed in a 
glass-stoppered Pyrex tube in a thermostat at 25° ±  0-02°. Potassium permanganate solution 
was then added, and the mixture shaken until homogeneous. At known times, 2- or 4-ml. 
samples were removed by pipette and placed in a 25-ml. flask. After dilution to the mark, the 
extinction of the solution was measured with a " Spekker ” photometer fitted with green 
filters (No. 5). The extinctions for solutions of permanganate and manganate of known 
concentration were measured separately, and hence the small absorption due to the presence of 
manganate was estimated by the use of a plot showing the combined reading due to manganate 
and permanganate against [Mn04- ].
For the second method, a modified hydrogenation apparatus was used, in which the reaction 
vessel could be vigorously shaken (at such a rate that the results were independent of the rate 
of shaking), and the volume of oxygen evolved was measured to within +0-01 ml. at constant 
pressure. The reaction was carried out in a constant-temperature room at 25° +  0-1°.
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The Mechanism of Decomposition of Potassium Permanganate in Alkaline 
Solution.. Part I I *  The Use of Water Enriched in  180  as Solvent.,
By M. C. R. Symons.
[Reprint Order No. 5265.]
O x ygen  o b ta in ed  as a  p rod u ct of th e  rea ctio n  4 M n 0 4~ -f- 4 0 H -  -  ■
4 M n 0 42~ +  2H aO +  0 2, in ' w h ich  th e  so lv e n t w a s enriched  in  lsO, h a s  b een  
foun d, b y  m a ss-sp ectrom etric  a n a ly sis , to  h a v e  th e  sam e p ercen tage  iso to p ic  
en r ich m en t as th e  so lv e n t. T h e m a n g a n a te  was. p a r t ia lly  enriched  in  180  if  
iso la ted  b y  p rec ip ita tio n  as barium  m a n g a n a te  a fter  th e  reaction  w a s co m ­
p le te , b u t  h a d  n eg lig ib le  en r ich m en t if  th e  reaction  m ix tu re  co n ta in ed  barium
ions, so that the manganate was. precipitated as soon as it was formed. It 
is therefore concluded that the oxygen came entirely from the solvent, as 
required by the reaction sequence proposed in Part I.* The significance of 
the observed oxygen exchange between manganate and the solvent is 
discussed. Further observations on the initiation of polymerisation of 
acrylonitrile and styrene are reported..
In Part I*, a spectrophotometric study of the reaction 4Mn04 +  40H -»► 4Mn04 +
2H20  +  0 2 was described, and it was concluded that the kinetic results obtained for the 
first 65% of the-decomposition were best interpreted by the reaction sequence .
(1) Mn04-  +  OH- Mn042~ +  -OH
(2) < -OH +  OH" *0“ +  Ha0
(3) Mn04-  +  OH" +  -O- Mn042~ +  H 0 2“
(4) M n 04-  +  H 0 2- 5^5= ^  M n042-  +  H 0 2-
(5) HOa- +  O H -■55=^-O r  +  Ha0
(6 )' Mn04-  +  Oa“  ► Mn042_ +  0 2
No information regarding the stereochemistry of the postulated exchange reactions can 
be obtained from kinetic results, but it was thought that a knowledge of^  the isotopic 
enrichment of oxygen evolved from a reaction occurring in water enriched m O might
shed some light on this aspect of the reaction.
Cahill and Taube (J. Amer. Chem. Soc., 1952, 74, 2312) found that when permanganate 
reacts with hydrogen peroxide the oxygen evolved is derived entirely from the latter. e 
reaction sequence (4)—(6) is in accord with this observation. However, Mills {ibid., 1940, 
62 2833) found that considerable oxygen exchange occurred when potassium permanganate 
was heated in water for 1 hr. at 100°, whilst Hall and Alexander (ibid., p. 3455) observed 
partial exchange when sodium permanganate was kept for 4 hr. at 95_, and that this 
exchange was increased in the presence of 0-2N-sodium hydroxide. No observations 
on oxygen exchange between manganate and water have been recorded. t  was us 
necessary that the amount of oxygen exchange occurring between permanganate or 
manganate and the solvent during the reaction should also be determined. ^
Water having an oxygen enrichment of 0-84 atom % of 180  was used, and the oxygen 
evolved was analysed mass spectrometrically. The manganate formed was precipitate as
* The communication “ The Mechanism of Decomposition of Potassium Permanganate m Alkaline 
Solution,” / . ,  1953, 3956, is regarded as Part I.
barium manganate by addition of saturated barium hydroxide solution, and this was 
heated in vacuo until oxygen was evolved. The resulting oxygen was analysed as before.
Oxygen evolved during the decomposition of permanganate was found to have an 
enrichment identical with that of the solvent, whilst oxygen derived from the decom­
position of barium manganate had an enrichment which varied with experimental 
conditions, the largest observed being about 50% of the enrichment of the solvent. Since 
it was considered probable that this latter enrichment had occurred by exchange between 
manganate ions and the solvent, rather than either between permanganate ions and the 
solvent or as a direct result of the reaction, a quantity of barium hydroxide equivalent to 
the permanganate was added to the solution of sodium hydroxide before mixing, so that 
the manganate ion was precipitated as formed. Under these conditions, the enrichment 
in the manganate produced was negligible. Typical results are as follows :
0 2 from KMnCq Oa from B aM n04 Oa from B aM n04
(i) (ii)
M ass ratio, 32/34 ..........................  49 81 228
Atom  %, enrichm ent ................   0-85 0-44 0-03
(i) Formed after reaction, (ii) Formed during reaction.
I t is, therefore, concluded that permanganate ion does not exchange oxygen with the 
solvent under the conditions used but that considerable oxygen exchange between 
manganate and the solvent does occur unless the manganate is present only as insoluble 
barium manganate. Thus, since the oxygen evolved has the same enrichment as the 
solvent, it is concluded that this oxygen is derived entirely from the solvent, and not at 
all from the permanganate.
Discussion.—Mills {loc. cit.) and Edwards {Chem. Reviews, 1952, 50, 466) have discussed 
possible mechanisms for oxygen exchange between oxy-anions and water, and conclude 
that the most probable mechanism involves protonation, followed by anhydride 
formation. The exchange by permanganate ion in neutral and alkaline solution observed 
by Mills and by Hall and Alexander is, therefore, anomalous, since permanganic acid is 
a very strong acid. However, electron exchange between permanganate and manganate 
ions is very rapid (Adamson, J. Phys. Colloid Chem., 1951, 55, 293; Sheppard and Wahl, 
J . Amer. Chem. Soc., 1953, 75, 5133) and manganate has now been found to exchange 
oxygen with the solvent even in strongly alkaline solution, so that if only small quantities 
of manganate were formed in the solution used, apparent exchange by the permanganate
ion would be expected. This mechanism for exchange would be in accord with the
alkaline catalysis observed by Hall and Alexander.
Chromate ion, which closely resembles manganate ion in structure, has been found by 
Winter, Carlton, and Briscoe (/., 1940, 131) to undergo complete oxygen exchange after 
24 hr. at 100° in N-alkali. These authors consider that exchange occurs via the equili­
brium Cr20 72- +  H20  2HCr04~, but Mills {loc. cit.) favours the equilibrium
HCr04" +  H + Cr03 +  HaO.
An alternative mechanism for exchange by these ions is that one water molecule or 
hydroxide ion displaces another by a process of S^2 type :
*OH~ +  H O M n03-  H *O M n03-  +  OH~
The transition state for a displacement of this type could be stabilised by the use of 
vacant inner or outer ^-orbitals of the central atom, and this stabilisation should be 
greatest for elements near the bottom of the Periodic Table. In fact, such stabilisation 
is so great for periodate and per-rhenate ions that hydrated ions such as H4I 0 6~ and 
R e053- are stable species.
Certain observations by Hall and Alexander {loc. cit.) lend further support to this 
theory : for instance, although chlorate and perchlorate ions undergo negligible exchange 
in neutral or alkaline solution, yet bromate and iodate ions undergo considerable exchange 
and this is catalysed by alkali. .
The mechanism for stage (1) in the decomposition of permanganate is now discussed 
in the light of these considerations. Thus, even if Ti-bonding between manganese and the
four oxygen atoms in the permanganate ion is complete, as postulated by Wolfsberg and 
Helmholz {J. Chem. Phys., 1952, 20, 837), there still remains one vacant inner ^-orbital 
which could, conceivably, be used for bonding to a hydroxide ion in the transition state. 
However, if such a complex were formed, it must be such that proton exchange cannot 
occur before decomposition, since this would result in oxygen exchange by the manganate 
or permanganate ions :
H O *- +  M n04-  =55=^ 5= H * 0 M n 0 42~ H * 0 - +  M n042~
r
HO" +  M n*04-  ^ = 5 ^  HOMnO*42-  HO- +  MnO*42-
(compare Bender, J . Amer. Chem. Soc., 1951, 73, 1626).
Reaction with Vinyl Monomers.—In an attempt to gain further evidence of the 
presence of free-radical intermediates which may be formed during the decomposition 
of permanganate in alkaline solution, interaction between this system and vinyl monomers, 
first mentioned in a preliminary report (Symons, Research, 1953, 6, 5s), has been further 
studied. In view of the evident complexity of the reactions, any attempt at interpretation 
of experiments must be extremely tentative.
E x p e r im e n t a l
The methods used for purifying the water and the potassium permanganate and for cleaning 
all glass apparatus are described in Part I {loc. cit.). Sodium was distilled under 0-002 mm. 
in dry, oxygen-free nitrogen, and stored in glass tubes, the procedure described by Dostrovsky 
and Llewellyn {J. Soc. Chem. Ind., 1949, 68, 208) being used. The weight of sodium used was 
estimated approximately by measuring the length of tubing. This tube was broken into short 
lengths in an atmosphere of nitrogen and added directly to the enriched water, through which 
a rapid stream of nitrogen was passing.
The resulting sodium hydroxide solution (10 c .c .; about 5 n ) was placed in a round-bottomed 
flask (20 c.c.) fitted with a side arm containing finely powdered potassium permanganate (0-3 g.). 
This flask was then connected via a three-way tap to a breaker-seal tube (10 c.c.). After the 
solution had been de-aerated by repeated cooling in acetone-carbon dioxide, followed by 
evacuation to 0-002 mm., the reactants were mixed and the flask was gently shaken until the 
potassium permanganate had dissolved. The flask was then heated at 60° until reaction was 
complete (2— 4 hr.). The solution was then cooled in freezing mixture to remove water vapour, 
and the evolved oxygen was allowed to pass into the evacuated breaker-seal tube. In some 
experiments “ AnalaR ” grade solid barium hydroxide was dissolved in the solution of sodium  
hydroxide before m ixing; in others, the residual alkaline solution containing manganate was 
added to an excess of saturated barium hydroxide solution. In either case, the precipitated 
barium manganate was removed by filtration through sintered glass, dried at 120°, and sealed 
into an evacuated Pyrex tube (10 c.c.) connected to a breaker-seal tube. After being heated 
to a red heat until evolution of oxygen was complete, the reaction tube was immersed in 
freezing mixture to remove any water vapour, and the breaker-seal tube detached.
Reactions with Acrylonitrile and Styrene.—The monomers were purified by washing with  
dilute alkali and water, followed by distillation under a reduced pressure of nitrogen. Since 
the solubility of acrylonitrile and styrene in strongly alkaline solution (about 3 n )  is small, the 
mixtures were vigorously stirred and, in some instances, a trace of sodium dodecyl sulphate 
was added as an emulsifying agent. Dilute potassium permanganate solution was added drop- 
wise at room temperature, the total amount added being about one-tenth of the molar 
concentration of monomer. Throughout the reaction (about \  hr.) a vigorous stream of 
nitrogen was bubbled through the solution.
The results obtained with acrylonitrile were as previously reported (Symons, loc. cit.), no 
polymer being formed without prior neutralisation. W ith styrene, however, reduction of 
permanganate was comparatively slow at room temperature and did not proceed beyond the 
manganate stage. After reaction, it was observed that small globules of coagulated polymer 
sank to the bottom of the flask. The upper layer of styrene was separated and dissolved in 
acetone. Addition of aqueous acetone gave a further precipitation of polymer. However, 
acidification of the remaining alkaline solution gave carbon dioxide and benzoic acid, showing
that extensive oxidation of the styrene had also occurred. Again, permanganate added to* a 
neutral emulsion of styrene in water was rapidly reduced to manganese dioxide but polymeris­
ation was not observed.
Thanks are expressed to Dr. D. R. Llewellyn for providing the enriched water and for 
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in the Dyson Perrins Laboratory at Oxford; and to Mr. A. E. Thompson for carrying out the 
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Evidence for Formation of Free-radical Intermediates in Some 
Reactions involving Periodate.
By M. C. R. S y m o n s . ‘
[Reprint Order No. 6333.]
Reactions are described which indicate that photochemical decomposition 
of periodate, and reaction of periodate with ferrous ion, occur via  free radicals, 
but that certain of its thermal reactions do not.
O f the various known reactions involving periodate species, only those in which a-glycols 
and related compounds participate have received detailed study. Important amongst 
the remainder are : the rapid oxidations of malonic acid and related compounds (Hubner, 
Ames, and Bubl, J. Amev. Chem. Soc., 1946, 68, 1621); photodecomposition of aqueous 
periodate solutions to give iodate and oxygen (Head and Standing, J., 1952, 1457); photo­
oxidation of many simple organic compounds (Head and Hughes, J., 1952, 2046); reactions 
with certain transition-metal ions, for example, the oxidation of manganous salts to 
permanganate (Waterbury, Hayes, and Martin, J . Amer. Chem. Soc., 1952, 74, 15); and 
the reaction with hydrogen peroxide.
As part of a study of the mechanisms of certain of the above reactions now being 
undertaken in collaboration with Mr. M. G. Brown and Mr. M. Smith, various tests thought 
to be diagnostic of the presence of active free radicals have been made. The results are 
summarised in the Table.
E x p e r im e n t a l
pH values were measured on a Cambridge pH meter, ultraviolet and visible spectra on a 
Hilger Uvispek spectrophotometer, and infrared spectra on a Perkin-Elmer spectrophotometer 
incorporating a lithium fluoride prism for the 2800— 3800-cm._1 region.
Acrylonitrile and methyl methacrylate were purified by washing them with, in turn, 
dilute sulphuric acid, dilute sodium carbonate, and purified water, drying (Na2S 0 4), and 
distillation under a reduced pressure of oxygen-free nitrogen. Other reagents were of “ AnalaR ” 
grade. Water was doubly distilled from strongly alkaline permanganate,, and glass apparatus 
was cleaned with the same reagent. To avoid inhibition of polymerisation by oxygen, monomer 
solutions were partially frozen and evacuated until vigorous boiling set in. This procedure 
was repeated several times and proved necessary for the attainment of consistent results. 
During irradiation experiments, the reduced pressure was maintained in order to lessen the 
chance of inhibition of polymerisation by any oxygen formed during the decomposition. The 
pH was adjusted with perchloric acid or potassium hydroxide solutions. Various light sources 
were used, the most satisfactory being a 125-w high-pressure mercury arc. The irradiated 
solutions were cooled by a rapid flow of water, and light of wavelength shorter than 3650 A was 
largely removed by passage through three layers of soda glass. The times given in the Table 
represent approximately the interval between the start of irradiation and the separation of 
flocculent polymer, when the solution was held 9 in. from the arc. This stage was generally 
preceded by a uniform turbidity throughout the solution. Non-photochemical initiation 
experiments were carried out as described previously ( /.,  1955, 273).
In every case temperature, pH, and initial concentration were varied over a wide range. 
When reactions resulted in polymerisation the optimum concentration of periodate was found 
to be approx. 1 0 _3m. For polymerisation with ferrous ion concurrent precipitation of a yellow  
ferric periodate complex masked the appearance of polymer.- However, the complex was 
soluble in excess of perchloric acid, and in M-perchloric acid only polymer separated. For 
reactions resulting in hydroxylation of benzoic acid, concentrations of potassium periodate
and benzoic acid were of the order of 1 0 -2 m , and perchloric acid was added to give a pH of 
about 2.. The concentrations are critical in these experiments, since it is necessary to avoid 
the preferential formation of ferric benzoate or ferric periodate, both of which mask the colour 
of the ferric salicylate complex formed when ferric chloride is added to the solution. The 
purple solutions thus obtained had visible and ultraviolet absorption identical with that of an 
authentic solution of ferric salicylate. When iodate was used in the role of periodate in these 
experiments neither polymerisation nor hydroxylation resulted.
CH2(C02H)2 or Cu2+, Mn2+,.
K I04 CHEt(C02H)2 (C02H)2 Fe2+ Fe3+, Co2+ * H2Oa
+  CH2:CH-CN or CH2:CMe*C02Me 
Dark ... N o P .j No. P. No P. Rapid P. No P. No P.
j pH —1 to 4 pH —1 to 12
Light ... P. in 30 min. — P. in 5 min. — — —
pH - 1  to 12
+BzOH
Dark ... No reaction No S.f No. S. Rapid S., pH 2 No. S. No S.
Light ... S. in 2 hr., pH 2 — No. S. — — —
* Small yields of polymer were obtained from solutions containing cobaltous ion when exposed to 
diffused daylight.
f  P. =  polymerisation; S. =  formation of salicylic acid.
Samples of polyacrylonitrile for infrared analysis were prepared by pressing about 5 mg. 
of the-powdered polymer, previously dried at 70°/lCT4 mm. for several-hr. over P 20 5, to give 
a clear film.
D i s c u s s io n
There seems to be a close parallel between the behaviour of periodate in these reactions 
and that of hydrogen peroxide in similar reactions (Bates, Evans, and Uri, Nature, 1950, 
166, 869; Baxendale, Evans, and Park, Trans. Faraday Soc., 1946, 42, 155). By inference, 
it is probable that hydroxyl radicals are formed both in the reaction with ferrous ion and 
in the photochemical decompositions. It was hoped that infrared analysis of the poly­
acrylonitrile formed during these experiments might reveal the presence of hydroxyl end 
groups (Dainton, J. Phys. Colloid Chem., 1948, 52, 490), but the results are not conclusive. 
In all of six analyses, slight, broad, absorption between 3100 and 3400 cm.4  was found, 
characteristic of hydrogen-bonded hydroxyl groups. In all cases, however, some absorption 
was also found in the 3600-cm.-1 region, indicative of non-hydrogen-bonded hydroxyl 
groups, and an unidentified band at 1625 cm.-1 which might be caused by water. However, 
since prolonged heating under a  high vacuum did not significantly reduce the intensity of 
the 3600-cm."1 band, this explanation seems unlikely. Definite absorption between 1650 
and 1750 cm.-1, probably caused by carbonyl groups, was always found. These groups 
could have been formed either by hydrolysis of cyanide groups, or by oxidation of 
primary alcoholic end-groups by the irradiated periodate. The former alternative is 
improbable under the conditions used. In accord with this, it was found that the carbonyl 
absorption spectrum of a sample of polyacrylonitrile, formed by irradiation of an acidic 
periodate solution, was unchanged when a portion was left in contact with the parent 
solution for twelve hours in the dark.
Croutamel, Hayes, and Martin (J. Amer. Chem. Soc., 1951, 73, 82) found that neutral 
periodate solutions have a broad absorption peak at 2225 A, which they assign to the 
anhydrous ion I0 4- . This was also found by Head and Standing (J., 1952, 1457), who 
remarked on the fact that periodate solutions are readily decomposed by light of wave­
length far removed from this value. However, in comparison with the absorption curves 
of other oxy-ions, that of neutral periodate solutions is remarkably broad, with a tail in 
the near ultraviolet somewhat resembling that of hydrogen peroxide (Symons and Smith, 
unpublished results). I t  is tentatively suggested that, whilst the peak at 2225 A may be 
characteristic of the I0 4~ ion, being possibly a result of charge transfer to the solvent 
sheath (Platzman and Franck, Z. Physik, 1954, 138, 411), the long tail may be associated 
with the hydrated ion H4I 0 6“, which is thought to be the photochemically active species.
Although quantum, yields for the photochemical decomposition. have not yet been 
measured, it seems probable that they will be considerably greater than the. low values 
normally found for reactions in solution, owing to the operation of the primary , dark 
back-reaction (Frank and Rabinowitsch, Trans. Faraday Soc., 1934, 30, 120). A chain 
mechanism is therefore provisionally postulated, which may, for the H4I 0 6~ ion, be
formulated as •
h 4i o 6-  +  hv h 8i o 5--  +  -OH ................................................(l)
H 3I 0 5-  ► I 0 3-  +  H aO +  -OH . . . . . . (2)
H 4I 0 6-  +  -OH ^=*5= H 2Oa +  H 3IO s-  . . . . . . .  (3)
H 4I ( V + H 20 2 ------► I 0 3-  +  3H aO +  0 2 . . . . . .  (4)
Reaction (2) is a thermal breakdown of the IVI compound, and reactions (2) and (3) 
represent a chain process for the formation of iodate and hydrogen peroxide. Reaction 
(4) is a rapid dark reaction, which probably proceeds without the intermediate formation 
of radicals (see Table). An alternative route, involving the photodecomposition of 
hydrogen peroxide, and the resulting initiation of further decomposition of the periodate, 
is considered to be less probable.
In accord with the postulate that it is the hydrated ion which is photochemieally 
active and the source of free radicals is the observation that polymerisation is still induced 
under acidic and alkaline conditions, when respectively the iodine is largely present as 
H 5I 0 6 and H3I 0 62- (Croutamel et al., loc. cit.).
When oxalic acid is added to periodate solutions, there is a marked shift in the absorp­
tion peak at 2225 A (Brown and Symons, unpublished results) which is thought to be 
indicative of complex formation. Such a complex, particularly if it is cyclic, could readily 
break down by a simple electronic shift to give iodate and carbon dioxide, and this may well 
be the mechanism of the slow thermal decomposition. However, these results show that 
the relatively rapid photodecomposition is a ready source of active free radicals and does 
not proceed by the above mechanism. In fact, polymerisation is induced far more readily 
by irradiation of periodate solutions in the presence of oxalic acid than in its absence, 
and it therefore seems probable that the photochemieally active species is an oxalic acid- 
periodate complex. However, the photo-oxidation of simple alcohols, aldehydes, etc. 
(Head and Hughes, loc. cit.), may occur by initial formation of hydroxyl radicals.
Again by analogy with hydrogen peroxide, the reaction with ferrous ion is thought to 
involve hydrated periodate, being pictured as an electron-transfer reaction of the type
Fe2+ +  H4IOs-  FeOH2+ +  H3I 0 5-- . . . . . . .  (5)
H3I 0 5*- may break down as in (2), either at the time of electron transfer or later, to give a 
free hydroxyl radical which can initiate polymerisation or hydroxylate benzoic acid. 
However, dropwise addition of ferrous sulphate solution to an excess of periodate did not 
result in oxygen evolution.
Whenever polymerisation did not occur the reductant underwent an overall valency 
change greater than one, and there is no compelling reason for postulating radical inter­
mediates. Thus, the reaction with hydrogen peroxide may be pictured as involving a 
peroxy-compound formed by addition of the peroxide to the I0 4- ion, followed by break­
down to give iodate and oxygen. Thus the role of the periodate is that of an acceptor, 
as is postulated in glycol fission reactions—a role for which it is particularly suited because 
of the ready availability of the outer ^-orbitals of the iodine for bonding (Symons, J., 1954, 
3676).
When malonic acid is oxidised by manganic pyrophosphate, which is a one-electron 
acceptor only, organic radicals are formed, and can be detected by the polymerisation test 
(Drummond and Waters, J., 1954, 2456) : thus it can be concluded that such radicals are 
not involved in periodate oxidations of malonic acid, and therefore that two distinct 
mechanisms are involved. It is hoped that a kinetic study, now in progress, will shed 
light on this mechanism.
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Reactions between Hydrogen Peroxide and Halide Ions.
By M. C. R. S y m o n s .
[Reprint Order No. 5596.]
Two fundamentally different mechanisms have been proposed recently for the reactions 
between hydrogen peroxide and halide ions, both mechanisms being satisfactorily in accord 
with the observed kinetics (see Morgan, Quart. Reviews, 1954, 8, 123, for references) and 
with the concepts of reaction mechanisms enumerated by Hinshelwood (/., 1947, 694). 
Weiss (Ann. Reports, 1947, 44, 60) has proposed a radical mechanism with a first stage 
similar to that of the reaction between hydrogen peroxide and ferrous ion :
f l -  +  H 20 2 _ ►  i- +  O H - +  - O H ................................................(l)
l l -  +  H 30 2+  ► I- +  H aO +  -OH ................................................(2)
•OH +  I -  -  ► O H - +  I - ..............................................................(3)
2 1 ------- ► I 2 .....................................................................   . (4)
Reactions (1) and (2) are thought to be rate-determining, thus giving —d[I~]/dif =  
^[HaOaJjT- ] -f £2[H20 2][I- ][H+], concordant with experiment. Weiss does not discuss 
mechanisms for the similar reactions which occur with bromide and chloride ions, but 
suggests the following mechanism for the reaction between hydrogen peroxide and iodine 
in less acidic solution and hence, by a combination of the two schemes, a system for the
catalytic decomposition of hydrogen peroxide by iodide :
I2 = 5 = ^  1+ +  I" . .     • • (5)
H 0 2-  +  1 + ------ ►  H 0 2- +  I -   ......................................................................... . (6)
H 20 2 +  H 0 2- ------ ► 0 2. +  H 20  +  -0 H  . . . . . . • (7)
Hence, Weiss shows that in the stationary state,
d[02]2/di! =  (AbA6[I2][H 02-])/(A_5[I-] +  A6[H 02- ])
Abel (.Z.physikal. Chem., 1928, 136, 161) has found
' d [02] _  £[I2][H2Q2] ATI2][HaOa]
• [I-][H +] [I-JCH+]*
and Morgan (loc. cit.), who strongly supports Weiss’s mechanism, shows that if ^_5[I—] 
&6[H02“], the derived expression becomes equivalent to the first experimental term. He 
suggests that the second term shows that reaction (7) must involve 0 2~ as well as H 02; 
however, it is difficult to see how this could affect the kinetics if reaction (6) is rate- 
determining.
In an important series of articles, Edwards (Chem. Reviews, 1952, 50, 455; J. Phys. 
Chem., 1952, 56, 279; J . Chem. Educ., 1954, 31, 270; J. Amer. Chem. Soc., 1954, 76, 1540) 
has succeeded in correlating a large amount of kinetic data concerning nucleophilic displace­
ment reactions, and has shown that the reactions between hydrogen peroxide and halide 
ions can be included in this scheme. This correlation provides good circumstantial evidence
that these reactions are nucleophilic displacements of the type
r x -  +  h 2o 2 ----- ► XOH +  OH- . . . . . . .  (8)
1x - + H 30 2+ ---- ►- XOH +  HaO . . . . . . . .  (9)
X - +  XOH Xa +  OH- . , , , , . . • (10)
Edwards does not discuss the reaction between hydrogen peroxide and iodine, but this 
reaction may be represented in a similar manner :
HQ2-  +  I 2 H O O I +  I -  . . . . . . .  (11)
H O O I  H+ +  0 2 +  I - ...................' .'  . (12)
O H - +  H O O I  H aO +  0 2 +  I -  . . . . .  • • (13)
H 0 2-  +  IO H  0 2 +  H 20  +  I - ....................................(14)
Reactions (8) and (9) will be irreversible since XOH would preferentially form XO“ : 
reaction (10) may proceed via XOH2+ ; reaction (11) is postulated as a reversible process; 
reactions (12) and (13) represent two possible modes for the decomposition of “ periodous 
acid ” (HOOI), and the sequence (8)—(14) represents the simplest mechanism for the 
catalytic formation of oxygen.
If reactions (8) and (9) are rate-determining, the observed kinetic expression for iodine 
formation is satisfactorily explained, and if reaction (8) is still rate-determining for the 
catalytic evolution of oxygen in neutral solution, then d[02]/d£ =  2d[I2]/d£, as observed 
experimentally by Brode (Z. physikal. Chem., 1904, 49, 208). Application of stationary- 
state kinetics to the sequence (11), (12), (13), treating HOOI as an unstable intermediate, 
gives : • •
d [P 2] _  ^ ^ [ H O r l M P O H - j
at -  ft_lx[I-]  +  k lz A -ix tl-] +  ft13[O H -]
Provided that ^^1X[I~] k12 and ^_n [I- ] +> &13[OH~], this expression approximates to
that found experimentally (Abel, loc. cit.).
Clearly, both mechanisms require that the evolved oxygen be derived entirely from the 
hydrogen peroxide, as is found experimentally (Cahill and Taube, J. Amer. Chem. Soc., 
1952, 74, 2312).
Liebhafsky and Mohammed (ibid., 1933, 55, 3977) have derived a value of 13,400 cal. 
for the activation energy of the reaction between hydrogen peroxide and iodide, not 
catalysed by hydrogen ion., By assuming that the heats of solution of hydroxyl radicals 
and iodine atoms are similar to the corresponding values for water and molecular iodine 
respectively (cf. Evans, Hush, and Uri, Quart. Reviews, 1952, 6, 188), the change in heat 
content for reaction (1) is found to be approximately +19,000 cal. (Latimer, “ Oxidation 
Potentials/’ Prentice-Hall, Inc., New York, 1952), and for reaction (8), when X~ is iodide, 
to be approximately —24,000 cal. Thus, since the energies of activation of endothermic 
steps must be equal to, or greater than-, their thermochemical heats of reaction, step (1) 
appears unlikely, but the experimental figures may well describe the transition state 
s H 5
(X . . .  O . . .  OH) for step (8).
. The intermediates postulated by Weiss, if present, should give rise to certain charac­
teristic induced reactions, and failure of the hydrogen peroxide-iodide system to induce 
these reactions may be taken as evidence against their presence. Since iodine atoms are 
known to induce a rapid chain reaction between iodine and oxalate, Taube (J. Amer. Chem. 
Soc., 1942, 64, 161) has tested for their presence by adding oxalate to the hydrogen 
peroxide-iodide-iodine system, and has concluded that they cannot be formed during the 
reaction. Alternatively, hydroxyl radicals, if present during the reaction, should, in the 
presence of vinyl monomers, initiate polymerisation (Baxendale, Evans, and Park, Trans. 
Faraday Soc., 1946, 42, 155) and, in the presence of benzoic acid, give hydroxylation of 
the aromatic ring (Bates, Evans, and Uri, Nature, 1950, 166, 869). Extensive tests have 
been carried out with acrylonitrile, using Thunberg tubes, as described by Drummond and 
Waters (/., 1953, 2836). The pH was varied by the addition of dilute perchloric acid, and 
the initial concentration of hydrogen peroxide and sodium halide (chloride, bromide, or 
iodide) was altered over a wide range in many different experiments, since too high a 
concentration of radicals may invalidate the test (Dainton, J., 1952, 153). In no instance 
was polymerisation observed; as a check on the method, it was ascertained that, under 
similar conditions, the hydrogen peroxide-ferrous sulphate reaction gave instantaneous 
precipitation of polymer.
Iodide ions should compete with acrylonitrile for hydroxyl radicals, since reaction (3) 
is strongly exothermic (Evans, Hush, and Uri, loc. cit.), but this would be unlikely to 
suppress polymerisation completely as this is a chain reaction and all experiments were 
performed with acrylonitrile in large excess. However, a qualitative check on the relative 
importance of the two competing reactions was devised whereby hydrogen peroxide was 
added to an acidified, saturated, aqueous solution of acrylonitrile containing iodide ion and 
a trace of ferrous ion. With small concentrations of iodide, only polymer was formed; 
with a large excess of iodide only iodine appeared; with intermediate concentrations of 
iodide both iodine and polymer were produced. Accordingly, it is concluded that when 
the concentration of acrylonitrile is very much greater than the concentration of iodide, 
hydroxyl radicals, if present, should give rise to observable polymerisation. A similar 
exchange occurring during the reaction between hydrogen peroxide and chloride ions 
would not inhibit polymerisation appreciably, since chlorine atoms are also efficient 
initiators.
As a further test for the presence of free hydroxide radicals, benzoic acid was treated as 
above at various temperatures and for various times, but insufficient salicylic acid was 
formed to give an observable colour with added ferric ion; again, addition of hydrogen 
peroxide to a solution of benzoic acid containing a trace of ferrous ion gave an immediate 
purple colour. '
I t is therefore concluded that free hydroxyl radicals are not formed during these 
reactions and it is considered that this negative evidence lends further support to the 
nucleophilic displacement mechanisms proposed by Edwards. These mechanisms are 
essentially similar to those originally proposed (e.g., by Abel, and by Liebhafsky and 
Mohammed, locc. cit.) except in so far as they stress the postulated S^2 nature of the 
separate steps. In the absence of compelling evidence in favour of the prior hydrolysis of 
iodine in its reaction with hydrogen peroxide (see, however, Liebhafsky, Chem. Reviews, 
1935, 17, 89) the sequence (11)—(13) is considered preferable since it is simpler and seems 
to be more self-consistent.
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Paramagnetic Resonance in  Sodium and Potassium Superoxides
By J. E. B e n n e t t , D. J . E. I n g r a m  and M. C. R. S y m o n s  
University of Southampton
and P. G e o r g e  and J . S t a n l e y  G r i f f i t h  
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[Received February 3, 1955]
T h e  superoxides of sodium and potassium, N a 0 2 and K 0 2, are of interest 
because the 0 2_ ion has an unpaired electron (Neumann 1934 and 
Kassatochkin et al. 1936). Such compounds should give rise to para­
magnetic resonance absorption, and we have recently detected this in 
both salts.
The pale yellow sodium peroxide, available commercially, was investi­
gated first. Chemical and physical tests show th a t this substance contains 
about 10% of the higher oxide N a 0 2 (George 1942) ; and it can thus be 
used directly as a magnetically dilute sample of the 0 2~ ion, the other 
anions present being diamagnetic. The amorphous mixture was placed 
in a dried cavity resonator, and its absorption studied a t 90°k . A broad 
asymmetrical line was obtained, having a maximum intensity a t high 
fields, and falling off to a m arked shoulder a t low fields. Measurements 
were made a t 9000 Mc/s, 23 000 Mc/s and 36 000 Mc/s, and the separation 
between the low-field shoulder and the high-field maximum was found to 
be accurately proportional to the frequency used. This shows th a t the 
spread of the absorption line is due to a gr-value variation, and not 
an energy level splitting. The (/-values obtained were (/„=2-175±0-005 
and (/x=  2-002 ±0-005. W ithin the larger experimental error of ±0-05, 
the values obtained from the potassium superoxide, prepared by passing 
oxygen over the heated distilled metal, were identical. Complete 
disappearance of the signal, when the superoxides were treated with 
water, confirmed th a t it  was due to the 0 2~ ions.
We m ay interpret these results in terms of the electronic structure of 
the ground state of the 0 2 ion. In  molecular orbital notation this is 
expected to  be
(ag Is)2 K  Is)2 {ag 2s)2 (au 2s)2 (ag 2p)2 (rru 2p)4 (rrg 2p)3 (Massey 1938).
As with nitric oxide, the free ion w^yld be in a 2I7 state, the spin-orbit 
coupling giving a 2iT1/2 and 2I73/2 state. In  nitric oxide 2I71/2 lies below 
2I73/2; 0 2_, being one electron short of the closed shell of F 2, will have 
the m ultiplet inverted with 2/73/2 below 2/71/2. However in the solid 
a t low tem peratures we expect the symm etry about the molecular axis
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to be removed (Zhdanov and Zvonkova 1952), one of the r^g 2p orbitals 
having a higher energy than  the other. The magnetic properties of the 
ion will then depend upon the ratio, /z, of this energy difference to  the 
spin-orbit coupling constant. Assuming the ion is not free to rotate, we 
distinguish two limiting cases for the lower state of the ion. For / x  zero 
we have the free ion with grn= 4 , gr1==0; for [x infinite the orbital contribution 
is completely quenched giving gi]= g1= 2 ; and for intermediate values 
2<Srn<4, 0 < y i < 2 . The detailed theory gives gq=T99 when gu—2-175, 
in reasonable accord with the results quoted above. W ithin the ex­
perimental error, /x is the same for N a 0 2 as for K 0 2 which is a little 
surprising because they probably differ in crystal structure (Templeton 
and Dauber 1950, Zhdanov and Zvonkova 1952).
Preliminary measurements on potassium ozonate give a symmetrical 
absorption line with a much smaller g variation, centred on the free-spin 
value. In  contrast to this and the superoxides, the absorption obtained 
from frozen solutions of chlorine dioxide is shifted to lower field values, 
and hyperfine components due to interaction with the chlorine nuclei are 
resolved in the wings. This is to be expected as the unpaired electron 
moves over the whole molecule in this case. Further measurements are 
in progress on all these compounds, and the theory and results will be 
reported in detail in the near fu tu re .,
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Interaction between Acrylonitrile and Amorphous Carbons.
By M. C. R. S y m o n s .
[Reprint Order No. 6618.]
Degassed sugar-chars and certain carbonized coals have been found to 
cause slight polymerisation of acrylonitrile at 60°. Carbon activated by  
being heated in moist air does not initiate polymerisation in the dark, and 
inhibits photopolymerisation unless traces of oxygen are present, whereupon 
a photosensitive material is formed, and extensive polymerisation occurs.
These results are related to the paramagnetic resonance absorption of the 
carbons.
Ce r t a in  forms of amorphous carbon and coal are paramagnetic (Bennet a n d  Ingram, 
Phil. Mag., 1954, 45, 545; Ingram and Taple.y, ibid., p. 1221; Ingram, Tapley, Jackson, 
Bond, and Murnaghan, Nature, 1954, 174, 797; Garten and Weiss, Austral. J . Chem., 
1955, 8, 68). It is well known that free radicals are paramagnetic, and that sufficiently 
reactive radicals, formed in the presence of certain vinyl monomers, will initiate poly­
merisation. The object of this work was to discover whether carbon surfaces initiate 
polymerisation and, if so, under what conditions. _ •
Few studies of catalysis of polymerisation of vinyl compounds by solids have been 
reported. Paravano (/. Amer. Chem. Soc., 19.50, 72, 3856, 5546) found that some surfaces, 
including carbon, while not themselves capable of initiating polymerisation, can indirectly 
catalyse the polymerisation of aqueous methyl methacrylate when certain reactions are 
proceeding on the surface. Unfortunately the nature of the carbon used in these experi­
ments was not stated. He postulated that polymerisation.was initiated by active radical 
intermediates which occasionally escaped from the surface. Markham and Laidlei (J. 
Phys. Chem., 1953, 57, 363) found that aqueous suspensions of zinc oxide irradiated with 
ultraviolet light (largely 3650 A) could initiate the polymerisation of methyl methacry ate 
and acrylonitrile. No polymerisation occurred in the absence of zinc oxide. However 
a short induction period was observed, and these authors suggest that, despite careful 
precautions, some oxygen may have been present. They postulate that, as a consequence 
of light absorption, an electron is transferred from the catalyst to a- water molecule, with 
consequent formation of a hydrogen atom. I t seems, however, that the significance of 
these results is limited since, if oxygen was present, some hydrogen peroxide would have 
been formed and its photolysis could have initiated the polymerisation.  ^ _
One instance when radicals present in the solid phase initiate polymerisation is described 
by Bamford and Jenkins (Proc. Roy. Soc., 1953, A, 216, 515; 1955, A, 228, 220), who foun 
that coagulated solid polymer formed during the photo-polymerisation of pure acrylonitrile 
at room temperature could initiate further polymerisation, in the dark, on being warmed 
to 60°. These, and other results (Bamford and Barb, Discuss. Faraday Soc., 1953,14, "^8), 
led them to postulate that growing polymer radicals had become trapped in the coagulate^ 
polymer in such a way that monomer could only diffuse to the radicals at an elevated 
temperature. This catalysis was suppressed when oxygen was admitted to the. system. 
In agreement with this theory, a small but definite paramagnetic resonance absorption has 
been observed in a specimen of poly acrylonitrile formed in this manner (Bamford, Jenkms, 
Ingram, and Symons, Nature, 1955, 175, 894).
E x p e r im e n t a l
Materials.— Sugar char, designated “ Cs,” was prepared by carefully heating AnalaR  
sucrose in an all-glass system  in vacuo to 400° until a pressure of 1(H mm. could be mam ame . 
In some experiments the resulting char was cooled and ground to a fine powder before use, m  
others the specimen was used directly without exposure to oxygen. T h e results were qua l  - 
atively the same with either procedure. Two samples of sugar char, both referred to as C,*, were 
activated at 400° and 550° respectively in a stream of moist air for 13 hr. (Garten and Weiss,
loc. cit.). Two coal specimens, Cc, were carbonized at 510° and 520° respectively in nitrogen 
for 45 min. Acrylonitrile was purified by being shaken with dilute sulphuric acid, dilute sodium  
hydroxide, and purified water, dried (CaCl2), and de-aerated by repeated distillation in vacuo 
into tubes cooled in liquid oxygen. Water was distilled from, and glass-ware was cleaned with, 
alkaline permanganate. In  vacuo refers to a pressure between 10~4 and 10-5 mm.
Procedure.—The carbon (ca. 0-1 g.) in a Pyrex tube (J in. diameter) was gradually heated to 
400° in vacuo until evolution of gas ceased. After immersion of the tube in liquid oxygen, pure 
de-aerated acrylonitrile was allowed to pass into it so that, on melting, there was a |  in. layer 
of momomer above the carbon. The mixtures were shaded from direct sunlight, since, under 
certain conditions, ultraviolet light was found to catalyse the initiation of polymerisation. 
There was no apparent change after 24 hr. at room temperature, but with CA, and Cc, on warming 
to 60°, a cloudy suspension of polymer grew from the surface of the carbon, and within a few 
minutes had spread vertically through the monomer. Sometimes a small flocculent precipitate 
settled on the carbon surface before polymerisation ceased. A rough estimate based on the 
turbidity gives the overall conversion into polymer as 0T%. The whole of the reaction tube, 
including the upper part filled with vapour, was warmed to 60° : if only the liquid was warmed 
some boiling occurred with agitation of the liquid. Under these conditions no polymer was seen, 
probably because it adhered to the rapidly moving carbon particles. Paravano (loc. cit.) also 
found that the liquid must be stationary for polymerisation to be observed. In the dark, a 
trace of oxygen prevented polymerisation.
In other experiments the acrylonitrile-carbon mixtures were irradiated at room temperature 
with ultraviolet light filtered through Pyrex glass from a medium-pressure 250-w mercury arc 
9 in. from the specimen. Under these conditions pure acrylonitrile, in the absence of carbon, 
polymerised very slowly, and was used as a control. This natural rate of polymerisation was 
not altered by Cs or Cc, but the “ activated ” steam-treated carbons acted as inhibitors and no 
turbidity could be seen after 12 hr. However, a slight yellow colour was then apparent, and 
filtration and vacuum-distillation yielded a trace of high-boiling oil which was probably a 
polymer of low molecular weight, soluble in the monomer.
When irradiated mixtures were freely and continuously exposed to air, no polymerisation 
occurred. If, after exposure to air, and before irradiation, the mixtures were throughly degassed 
by repeated freezing in vacuo, irradiation produced rapid and extensive polymerisation, which 
was shown to be due to a soluble, photosensitive substance, since rapid polymerisation occurred 
in the liquid after decantation from the carbon. For results see Table.
In an attempt to discover what soluble, photosensitive material can be liberated from 
oxygenated carbon, the ultraviolet absorption spectra of aqueous extracts from various carbons 
were examined with a Unicam SP 500 quartz spectrophotometer. The water was de-aerated 
by repeated partial freezing and distillation in vacuo, and distilled on to the de-aerated carbon 
prepared as above. The extract from carbons which had never been exposed to oxygen had an 
absorption spectrum identical with thatj of water. When oxygen had been admitted before 
filtering off the carbon the absorption was generally similar to that of a dilute solution of 
hydrogen peroxide, except that absorption was rather stronger from 200 to 220 mp. Since it 
was thought likely that traces of oxalic acid were present (King, / . ,  1933, 842; 1934, 22) attem pts 
were made to reproduce the curve obtained from the extract by mixing hydrogen peroxide with  
oxalic acid. It was ultim ately found that a solution 1 0 ~ 4m  in hydrogen peroxide and 1-2 x  1 0 _3m 
in oxalic acid gave a curve almost identical with that obtained from the carbon extract in the 
200— 300 mp region. The extracts from different forms of carbon had substantially the same 
ultraviolet absorption. The inference that hydrogen peroxide and oxalic acid were present 
was supported by the following tests made on the aqueous extracts : Cold acidified potassium
Polymerisation of acrylonitrile in presence of carbons.
Oxygen-free * in dark, 60°
Irradiated, 20°
Tim e to first turbidity and subsequent 
rate
Time to first 
turbidity  
Im m ediate  
Im m ediate
Approx. % polymer 
at completion  
0 -1%
0 -1% 
In presence of
Carbon
Cs
Cc
5 m in., slow  
5 m in., slow
Oxygen-free trace * of oxygen
1 min., rapid
1 min., rapid
2 min., rapid 
5 min., slowN il
No polym erisation  
No polym erisation
No polym erisation  
5 m in., slow
* W ith free exposure to  air no polym erisation occurred on any of the carbons.
permanganate solution was immediately decolorised, a blue colour at once appeared in a starch— 
iodide solution, and a faint but definite precipitate was obtained from a calcium chloride solution. 
Various spot-tests for formic acid were inconclusive.
For, measurement of paramagnetic resonance absorption the monomer was removed by  
distillation in vamo, and the tube with the carbon placed in an H 012 3 cm.-wavelength rectangu­
lar resonant cavity at room temperature. All the carbons retained a strong absorption, showing 
that only a small percentage of the radical centres had beeen involved in the polymerisation.. 
The intensity of the signal was always less than that of the original carbons, but quantitative 
interpretation of the measurements is not practicable since the strength of the signal depends 
on the concentration of the carbon, which had been altered through aggregation of the particles, 
and m ay also be affected by acrylonitrile polymer adhering to the carbon.
The effect of admitting air to the carbon, before and after treatment with acrylonitrile, was 
also observed. On admission of air to a carbon not previously in contact with acrylonitrile 
the strength of the signal decreased suddenly (Ingram and Tapley, Chem. and Ind., 1955, 568). 
The percentage decrease varied with the nature of the carbon and its previous treatment but 
was always more than 50%. When air was admitted to a carbon previously treated with 
acrylonitrile, the signal very slowly decreased by not more than 5%. The inference is that the 
pores of the carbon are clogged with acrylonitrile, preventing the adsorption of oxygen.
D is c u s s io n
The fact that oxygen-free carbons initiate polymerisation in the dark shows that active 
free radicals must be present in the carbon. This polymerisation does not extend visibly 
into the liquid below about 60°; at room temperature no more than a slightly increased 
tendency of the carbon particles to adhere is observed. Probably polymerisation proceeds 
in the pores of the carbon at room temperature but cannot easily continue out into the 
liquid until the temperature is high enough for molecules of monomer to penetrate the 
polymer and reach the free radicals in the pores.
All the chars consist of multinuclear aromatic ring systems (Riley, Quart. Rev., 1947, 
1, 59). The radicals probably present may be divided into two classes : first, stable, benzyl- 
type radicals in which the orbital of the single electron can overlap efficiently with the 
x-orbitals of the ring system to which the carbon carrying the single electron is attached ; 
such radicals would probably be ineffective as initiators of polymerisation and might well 
act as inhibitors (Burnett, “ Mechanism of Polymer Reactions/' Interscience Publishers 
Ltd., 1954, p. 84). Secondly, reactive phenyl-type radicals in which the unpaired electron 
is localised on one carbon atom might well remain in the rigid network if pyrolysis proceeds 
by homolysis of bonds. Ingram et al. (locc. cit.) estimate that the ratio of carbon atoms to 
unpaired electrons in coals and carbons similar to those used here is about 1600, but it is 
probable that many active centres are in positions inaccessible to the monomer or other 
adsorbates.
Garten and Weiss {loc. cit.) suggest that the paramagnetism of amorphous carbons 
arises because some of the multinuclear ring systems have a slightly semiquinone character. 
The presence of oxygen is however not necessary for paramagnetic resonance, since Bennett, 
Ingram, and Tapley (J. Chem. Phys., 1955, 23, 215) found that chars obtained in vacuo from 
hydrocarbons have the same distinctive paramagnetic properties. They have also stressed 
that the small paramagnetic resonance found in graphite (Castle, Phys. Rev., 1953, 92, 1063; 
1954, 94, 1410) has quite different characteristics from that of amorphous carbons. It 
therefore seems likely that slight unparing of the n-electrons in large multinuclear structures 
makes little contribution to the paramagnetism observed in amorphous carbons.
The fact that “ activation " by treatment with moist air destroys the power of initiating 
polymerisation in the dark, and also prevents photopolymerisation, may be due to the 
presence of phenolic groups on the carbon. Garten and Weiss (loc. cit.) give evidence that 
such “ activated ” carbons contain a number of phenolic hydroxyl and quinone groups.
The formation of oxalic acid when carbon is treated with water and oxygen was previously 
observed by King (J., 1933, 842; 1934, 22). Among others, Garten and Weiss (loc. cit.) 
have postulated the formation of hydrogen peroxide, for which evidence is given here, but 
the mechanism of its formation is still obscure. It might possibly arise from reaction of 
molecular oxygen with hydrogen attached to the carbon. An alternative possibility is
the reversible formation of the radical iO O O , as postulated by Bamford, Jenkins, Ingram, 
and Symons (Nature, 1955, 175, 894) for the first stage of the interaction between oxygen 
and acrylonitrile radicals. This could subsequently react with water or mobile organic 
molecules to give a peroxide. Possibly the quenching effect of oxygen on the paramagnetic 
signal is due to the formation of this or a similar radical on the carbon surface. The super­
oxide radical ion 0 2~ has a very broad paramagnetic absorption band (Bennett, Ingram, 
Symons, George, and Griffith, Phil. Mag., 1955, 46, 443) : if the iO O O  radical has a 
similar broad absorption band this would account for the quenching of the narrow band 
found with oxygen-free carbon.
Thanks are offered to Dr. D. J. E. Ingram and Mr. J. G. Tapley for making the paramagnetic- 
resonance measurements and for helpful discussions, and to Dr. C. H. Bamford and Professor 
N. K. Adam, F.R.S., for continued encouragement and advice.
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655. Structure and Reactivity of the Oxy-anions of Transition 
Metals. Part I. The Manganese Oxy-anions.
By A . Ca r r in g t o n  and M. C. R. S y m o n s .
The electrode potential of the M n04~-M n042- couple has been measured in 
aqueous alkaline solution at various ionic strengths, and the results extra­
polated to give an E° value of 0-558 i  0-002 v. The M n042~-M n043_ couple 
has been studied in concentrated aqueous potassium hydroxide solution and a 
value of 0-285 ±  0-010 v  found for the electrode potential adjusted to equal 
concentrations of the manganese ions at ionic strengths between 6 and 12.
Some general observations on the reactivity of the manganate and hypoman- 
ganate ions are made, and the visible and ultraviolet absorption spectra of 
these ions in solution recorded.
A l t h o u g h  considerable attention is being given to the structure and properties of complex 
compounds of the transition metals, the oxy-anions, in which the metal frequently shows 
its highest valency, have received little attention. This work will be concerned largely 
with transition-metal oxy-anions of general formula X O /U  but condensed forms of these 
ions will also be considered, and later the work will be extended to anions in which the 
ligands are hydroxyl rather than oxide.
In considering structure it will be assumed that the ion X O /- is tetrahedral and an 
endeavour will be made to throw light upon the electronic structure by detailed examin­
ation of electronic and paramagnetic resonance spectra.* In studying reactivity, attention 
will be confined to certain fundamental reactions for which, from measurements of electrode 
potentials, overall free-energy changes can be calculated. These reactions will be classified 
according to their mechanism either as electron-transfer or as displacement reactions with 
the aid of kinetic studies. Included in these reactions of transition-metal oxy-anions will 
be their oxidation and reduction by water and hydrogen peroxide, their disproportionation 
and condensation, and their ability to exchange oxygen.
In this paper we report measurements of the visible and ultraviolet absorption spectra 
of permanganate, manganate, and hypomanganate ions in aqueous solution, the electrode 
potentials of the permanganate-manganate and manganate-hypomanganate couples, and 
certain aspects of the reactivity of these ions. These topics are considered in turn.
Absorption spectra
Experimental.—Water used was doubly distilled from a concentrated alkaline solution of 
potassium permanganate, and glassware was cleaned with a similar solution. “ AnalaR ” 
reagents were used throughout.
Spectrophotometric measurements were made using a Unicam SP 600 spectrophotometei 
for the range 1000— 360 mp and a Unicam SP 500 spectrophotometer for the range 360— 200 mp. 
Calibrated quartz cells of 1 mm. thickness and stoppered quartz cells of 1 cm. thickness were 
used. When necessary, test solutions Were compared with solutions of potassium hydroxide of 
the appropriate concentration.
Potassium manganate was prepared by heating at 120° a solution of potassium perman­
ganate in aqueous 8M-potassium hydroxide until a clear green colour was produced. The solid 
potassium manganate formed on cooling was recrystallised from the same solvent. Hydrated  
sodium hypomanganate was prepared by a modification of Lux’s procedure.1 Slightly less than 
I equiv. of powdered sodium sulphite was added to a solution of potassium manganate in aqueous 
sodium hydroxide ( 1 2 m ) ,  and the solution cooled in ice until dark blue needles of the hydrated 
salt were deposited.
* The param agnetic resonance studies are being m ade in conjunction w ith Dr. D. J. E . Ingram.
Results and Discussion.—The value chosen for the permanganate-manganate couple is 
E° — 0-558 i  0-002 v. In arriving at this value the graphical method of extrapolating 
potential measurements to zero ionic strength described by Randall and Vietti 6 has been 
used. This method has the advantage that the curve should approach a limiting line of 
slope 0-505 as shown in Fig. 2. Because the assumptions made in this method of extra­
polation may be considered somewhat arbitrary, we have also applied the method used by 
Schumb, Sherrill, and Sweetser.7 This gives an identical result within the limits quoted. 
Both these methods of extrapolation are described by Latimer,8 who has estimated a value 
of 0-564 v for this couple. This was derived from the results given by Schlesinger and 
Siems,9 using a value for the free energy of manganese dioxide which may be inappropriate 
since the thermodynamic properties of the dioxide vary with different samples. Our ex­
periments are more direct, as they do not involve manganese dioxide, and therefore our, 
value for E° will be used in preference to that of Latimer. The value of 0-58 v found by 
Miller and Rogers 10 from a polarographic study in 0-lM-aqueous sodium hydroxide is in 
fair agreement with our results.
No attempt can be made to extrapolate the results obtained for the manganate-hypo- 
manganate couple to zero ionic strength. As the concentration of alkali was reduced to 
below 6 m , the values of Ec increased markedly although a decrease would be expected. 
This is probably a result of partial protonation of the hypomanganate ion which, we postul­
ate, would have a basicity similar to that of the orthophosphate ion. It might be argued
that, since the chromate ion is a far stronger base than sulphate,11 the hypomanganate ion 
should be far stronger than phosphate. If this were so, then the blue ion studied in these 
measurements would be HMn042~ and not Mn043"\ However, it is possible that the 
relatively high basicity of chromate is a consequence of the associated condensation to 
dichromate and is thus apparent and not real. The constancy of our electrode-potential 
measurements in aqueous potassium hydroxide over a wide range of ionic strengths, and 
the fact that such hypomanganate solutions obey Beer’s law, is evidence that Mn043~ is 
the only detectable species. Protonated species can only be present in minute concen­
trations.
The potentials measured in sodium hydroxide are consistently higher than in potassium 
hydroxide solution. This difference is also found in the relative reactivities of the two 
ions in sodium or potassium hydroxide solution, and is therefore real. However, as might 
be expected, the junction potential for the calomel electrode in aqueous sodium hydroxide 
appears to be large, whereas in potassium hydroxide solution it is always within experi­
mental error. Therefore all the results obtained on using potassium hydroxide solutions 
in the range fx =  6—12 have been averaged to give a value 0-285 d= 0-010 v, and, since the 
mercury-mercuric oxide electrode gave results somewhat higher than this, a value of 0-29 v 
is used for calculating the free energy of formation of the hypomanganate ion. This is 
used only when the free-energy change for a reaction involving manganate and hypo­
manganate in concentrated potassium hydroxide solution is being calculated. The value 
for the manganate-hypomanganate couple estimated by Miller and Rogers 10 in 0-1 m -  
sodium hydroxide is far higher than our value and is probably spurious since they state 
that manganese dioxide was deposited on the electrode.
Reactivity
Only recently has it been realised that the blue solutions which can be derived from 
MnIV or MnVI under certain conditions, contain Mn043~ ions,1 The fact that hypo-
J / o
F i g . 2. ErJ (3 X 0-0592) for Mn04- -M n042 couple, 
plotted against the square root of ionic strength.
O 0 2 0 4 0 6 0 8  t-0
Square root of ionic s t r e n g t h
manganate solutions can be made simply by heating manganate in concentrated alkaline 
solution,12’13 and that the resulting blue solutions may then be heated to high temperatures 
for a long time without further change, is clear evidence that this ion is remarkably stable. 
However, for reasons discussed below, it is important when studying the reactivity of the 
hypomanganate ion to use conditions that preclude protonation, since the protonated ion 
readily undergoes disproportionation, and once manganese dioxide is formed the remaining 
hypomanganate decomposes rapidly. The formula Mn03_ is sometimes used for the 
oxy-iori of Mnv. L ux1 has however shown that salts containing Mnv are isomorphous 
with phosphates and vanadates. Crystals containing orthophosphate and Mnv have 
been prepared in these laboratories for paramagnetic resonance studies, thus confirming 
the similarity of the phosphate and hypomanganate structures. The ion Mn03_, if it did 
exist, would probably be polymeric, and the observation that Beer’s law is obeyed by the 
hypomanganate solutions used makes the occurrence of any equilibria involving condensed 
species improbable.
Experimental and Results.—Water and all reagents were purified as already described. 
Hydrogen peroxide was prepared by suitable dilution of the 90% unstabilised product supplied 
by Laporte Chemicals Limited. When necessary, concentrations of manganese oxy-ions were 
estimated spectrophotometrically. Reactions in hot concentrated alkaline solution were
T a b l e  2 . Estimated thermodynamic data for manganese oxy-ions.
(5° values are calculated by means of Connick and Powell’s formula.14)
AF° (kcal.) AH° (kcal.) S° (cal./deg.)
Mn04-  aq.  ........ ............ ..... .................
Mn042_ aq  .................................
Mn0 43~ aq.  ............ , ........... ................ .
* This value is not standard, but refers to Mn043_ in concentrated KOH solution.
■107-4 
120-3 
•127-0 *
-129-7
-160-5
-185-8
45-4
2-1
-44-6
T a b l e  3 . Some possible reactions of the manganese oxy-ions.
A_Fe° represents the free-energy change under standard conditions, with the one exception that AF° 
for Mn043~ is taken as —127-0 (see above). AFR° and AHR° are calculated for n =  1, not for the 
equations as written. Other values for AF° and AH° are taken from Latimer,8 except the value —37-4 
for AH° for the ion H O y, which has been estimated from the value for the entropy S° given by Evans, 
Hush, and Uri (Quart. Rev., 1952, 6, 186). The values for equation (3) are the experimental results 
of Schlesinger and Siems,9 and the AF° value for Mn02 used in equation (4) has been derived from these 
results. ,
(1) Mn04 MnO 3" 2MnO 2-
(3)
(4)
(5)
(6 )
(7)
(8 ) 
(9)
( 10)
2MnOt3Mn042_ +  Mnlv (monomeric) ^
3Mn042_ +  2HaO 2Mn04~ +  MnOa +  40H ‘
2Mn043-  +  2HaO Mn042~ +  Mn02 +  4014“
4Mn04-  +  40H - ^  
4Mn042-  +  40H - ^
2Mn04-  +  H 0 2-  +  OH- ^  
2Mn042_ +  HOa-  +  H20  ^  
2Mn042-  +  H 0 2-  +  OH- ^  
2Mn043-  +  HOa-  +  HaO ^
4Mn042~ +  2H20  +  0 2 ................
4Mn043~ +  2HaO +  Oa ................
2Mn042~ +  H20  +  0 2 ...
2Mn04-  +  3 0 H -................
2Mn043-  +  H20  +  0 2 ....
2Mn042~ +  30H - ...............  -13-6
A Fb° A Hn°
- 6-2 -5 -5
-0-82 +  7-3
-14-0 -f 3-5
-3 -7 -10-9
+  2-6 -5 -4
-14-7 -20-7
-7 -4 +  1-2
-8 -5 -15-2
-4 -4
T a b l e  4 . Observations on the reactions listed in Table 3.
( 1 )
(2 )
(3)
(4)
(5)
(6 ) 
(7)
: (8) 
(9) 
( 10 )
Forward reaction
Temp. 
20 °
Reverse reaction 
Temp. [OH-]Speed [OH- ] Speed
Rapid ...........................  > 6 m  N ot observed
N ot observed N ot observed
Slow “ ........................... 2 0  < 1 m  R a p id 4 ..........................
Slow®  ...................  2 0  < 1 0 m  Rapid .......... ...............
Rapid ..................   2 0  > 1 0 m  N ot observed
Slow .......................     1 2 0  > 1 0 m "  Slow ..........
Rapid ...............    2 0  >  5m  N ot observed
N ot directly observed N ot directly observed
Rapid ........................... 2 0  > 1 0 m  N ot directly observed
Rapid  ................  1 2 0  > 1 0 m  e N ot directly observed
“ Induction period. 4 Reaction proceeds via  M n 0 43- .  c Oxygen continuously removed. d In 
presence of oxygen. e KOH, not NaO H .
120 °
100
120
> 1 0 m 
>  1 0 m
> 1 0 m  d
8 Latimer, “ The Oxidation States of the Elements and their Potentials in Aqueous Solutions," 
Prentice-Hall, Inc.,.New'York, 1952.
9 Schlesinger and Siems, / .  Amer. Chem. Soc., 1924, 46, 1965.
10 Miller and Rogers, Science, 1949, 109, 61.
11 Tong and King, J.  Amer. Chem. Soc., 1953, 75, 6180.
12 Symons,/ . ,  1953, 3956; 1954,3676.
13 Scholder, Angew. Chem., 1953, 65, 240.
14 Connick and Powell, J . Chem. Phys., 1953, 21, 2206.
15 Duke, J.  Phys. Chem., 1952, 56, 882.
16 Abel, Monatsh., 1955, 86, 461.
17 Jezowska-Trzebiatowska, Nawojska, and Wronska, Bull. Acad, polon. Sci., 1954, 2, 447.
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921. Structure and Reactivity of the Oxy-anions of Transition 
Metals. Part I I *  Investigations by Electron-spin Resonance.
By A. Ca r r in g t o n , D. J. E. I n g r a m , D. S c h o n l a n d , 
and M. C. R. S y m o n s .
Electron-spin resonance absorption spectra are reported for certain tetra­
hedral oxy-anions of manganese, iron, chromium, ruthenium, and rhenium 
containing either one or two unpaired electrons. The results are discussed 
in terms of an orbital level scheme recently proposed by Wolfsberg and 
Helmholz for the ions M n04"', Cr042-, and C104~,
O n e  of the most direct applications of electron-spin resonance is to compounds of the 
transition-group elements where the unpaired electrons are located largely in the inner 
shells of the particular atoms concerned. A study of their characteristics will thus give 
considerable information about the valency and energy state of the paramagnetic atom 
together with details of the bonding to its nearest neighbours. Examples of this type of 
work are the measurements on different ferric compounds to show the transition from 
ionic to covalent bonding,2-3 and the results obtained from the chloroiridate ion 4 and 
similar compounds, where the amount of electron-transfer and 7t-bond character can be 
accurately calculated.
A study of the oxy-anions of the transition-group elements might therefore throw 
additional light on their oxidation states and chemical bonding. These systems are not 
always the best to study by electron-resonance techniques since the compounds are usually 
stable only in concentrated alkaline solution and often can only be obtained easily in an 
alkali glass or in an amorphous form. Hence all the additional information available 
from angular variation in a single crystal is not readily obtained. Nevertheless, the 
variation of resonant absorption with temperature, and the effective spin value of the 
ground state can be used to give some information on the likely oxidation state and 
electronic structure of the paramagnetic atom and be correlated with chemical data.
This differentiation between oxidation states arises from the fact that different energy- 
level schemes are associated with ions containing different numbers of unpaired electrons. 
Thus, if it can be shown that the electron-resonance absorption results will only fit into a 
certain energy-level pattern and that this corresponds to a certain configuration, then the 
oxidation state of the atom is immediately confirmed. The factors of interest are there­
fore those from which the complex energy-level pattern of the ion can be deduced. 
Variation of the resonance line width with temperature is one such important factor. 
This arises from the fact that the Debye waves of the lattice can only share energy with 
the spin system via a coupling to the orbital motion of the electrons. If such coupling 
is strong, the compound will have to be cooled to very low temperatures before narrow 
absorption lines are obtained, and this implies that there are orbital levels quite close to 
the ground state for such strong spin-orbit interaction to be possible. Conversely, if it is 
found that the line width is independent of temperature, then the spin-orbit coupling 
must be very small and there must be a large splitting between the ground state and the 
next orbital level. I t  can be seen that a measurement of the variation of fine width with 
temperature can therefore be used to distinguish between different energy-level patterns.
Another factor which will help to determine the energy-level pattern of the ion is the 
effective spin value of the ground state. This determines the number of electronic 
transitions which will be observed and can thus be very easily determined from measure­
ments on a single crystal. Since one or more of the transitions may vary with orientation,
* Part I, 1956, 3373.
more care has to be observed in interpreting the results obtained from a glass or powder, 
as those transitions will have been spread over a large field variation and may thus not be 
observed. Additional information can also be obtained from the g-values of the electronic 
transitions which measure the rate of divergence of the electronic levels with magnetic 
field. Similarly, the hyperfine interaction with the nuclear moments of the atom can also 
be used since both of these depend on the orbital-level splitting to some extent.
I t is therefore possible by correlating all the observed facts to draw up a tentative 
energy-level pattern for the ion, and this is usually precise enough to distinguish one 
configuration from any possible alternative.
Results.—Table 1 lists the oxy-anions studied together with the paramagnetic results 
obtained. The ions are classified according to the number of unpaired electrons. Before 
considering the individual results in detail, we describe the energy level patterns for each 
configuration, together with the particular effects that each has on the observed electron- 
resonance absorption associated with the ground state.
For a tetrahedral X 04 complex, Wolfsberg and Helmholz 1 have calculated the energies 
of molecular orbitals formed from linear combinations of d, s, and p atomic orbitals on the 
X atom and p  orbitals on the oxygen ligands. Their results for Mn04_ and Cr042~ are 
qualitatively very similar and suggest that the same level scheme would be applicable to 
other oxy-anions of the transition metals, particularly since McGlynn and Kasha 5 have 
recently come to similar conclusions concerning the interpretation of the visible and ultra­
violet absorption spectra of many oxy-ions including Mn04~ and Cr042-. On the scheme 
proposed by Wolfsberg and Helmholz the 24 “ valence electrons ” of a complex like Mn04_
T a b l e  1. g-Values of the transition-metal oxy-anions.
No. of unpaired 1 2
electrons g j_ g n g  cm.-1
Mn042- ....................................    1-97 1-95 Mn043-       2-0 0-01
C r043-  .........................................................  1-97 1-98 R u 0 42 - ......................................... 2-0 0-02
R e042-     1-95 2-00 Re043-   2-08 0-12
Fe042- ................................ g =  2-14—2-00
completely fill a number of levels to produce a “ closed-shell ” structure. The next 
lowest-lying unfilled level, which these authors refer to as (312), consists of three degenerate 
molecular orbitals transforming under the representation T 2 of the tetrahedral group Td. 
These are formed from dxy, dyz, dxz orbitals on the central atom in antibonding combin­
ations with 7r-type orbitals on the ligands, and Wolfsberg and Helmholz are able to interpret 
the visible and ultraviolet absorption spectra of Mn04~ and Cr042- in terms of excitation 
of electrons into this 312 level.
One may conclude from these results that further electrons fed into a complex of this 
type will be accommodated in the 312 level which is altogether capable of holding six 
electrons. Thus transition-metal complexes similar to Mn042- would have the electronic 
configuration (closed-shells) {3tf)x, whilst those similar to Mn043- would have two electrons 
in the 312 level. •
If it is assumed that the state of least energy obtained from the configuration (3t2)n is 
the one which has the maximum spin compatible with the Pauli principle,6 then the ground 
states arising from the configurations mentioned above are as follows :
(a) (3t2)1. The ground state consists of three orbital states (transforming under the 
representation T2 of Td), each of which has a double spin degeneracy. The orbital 
degeneracy will be lifted by pertubations arising from distortions of the tetrahedron and 
from external crystalline fields, but the splitting will be comparatively small. Thus it 
would be expected that the lowest state of a complex of this type will be doubly degenerate 
(spin degeneracy) and will lie fairly close to the first excited states.
Application of an external magnetic field will remove the spin degeneracy, and a single 
electronic transition between the two states of the ground doublet is possible. Because 
of the other low-lying levels the line width of the absorption should vary markedly with 
temperature.
ip) (312)2. The ground state consists of three orbital states (transforming under the 
representation T 1 of Td), each of which has a triple spin degeneracy arising from the
presence of two unpaired electrons (S = 1 ) . Pertubations due to distortions of the tetra­
hedron, etc., will remove the orbital degeneracy, and the spin degeneracy may also be 
partly lifted even in the absence of an external field. An external field will remove any 
remaining degeneracy in the ground state, and two electronic transitions will be possible. 
If there is a zero field splitting, these two transitions may be shifted relative to each other 
so that they do not overlap and two separate absorption lines will be obtained. Because 
of the other low-lying levels the width of these lines will be dependent on temperature.
An argument based on crystal-held theory leads to rather different conclusions. In 
this approach, the unpaired electrons are considered as being located entirely in d orbitals 
on the central metal atom, the ion being pictured as built up from a central positive ion 
and four oxide ligands (O2-). The effect of the electric held produced by these four 
ligands in a tetrahedral arrangement round the central metal atom is to split the hve d 
levels of the central atom into a group of two (dy) levels lying below the remaining three 
(dz) levels. If this splitting is applied as a perturbation to the lowest term arising from the 
ground conhguration of the free ion, the results shown in Table 2 for differing numbers of 
unpaired d electrons are obtained. The table also shows results for an ion with six ligands 
arranged in an octahedron.7 From the table it is evident that one can only expect narrow 
absorption lines at all temperatures from d2 and d5 tetrahedral complexes and dz and d5 
octahedral complexes.
T a b l e  2 .
Configuration 
d1 
d2 
ds 
di 
d5
The detailed results obtained from the different oxy-anions can now be considered and 
compared with the above conclusions.
[a) Mn042-, R e042~, and Cr043-. The paramagnetic resonance absorption spectra 
from all three of these complexes were found to consist of a single line which could only 
be observed at T — 20° k. The rapid increase of line width with temperature, together 
with the effective spin value of is in agreement with the deductions made above and 
confirms that each of the compounds studied did in fact contain one unpaired electron. 
The line shape was asymmetrical in each case, with a prominent shoulder on the side of 
the peak. This may be interpreted as a g-value variation, and the extreme values are 
listed in Table 1, the ± suffix being associated with the peak, and the y suffix with the 
shoulder. In the case of the manganate ion it has been found possible to make measure­
ments on diluted single crystals and very much more information is thus available. The 
hyperfine structure from the I  =  5/2 of the 55Mn isotope can be clearly resolved and is 
found to be very anisotropic with extreme splittings of 150 X 10-4 cm.-1 and 25 X 10-4 
cm.-1. A detailed analysis of these results will be published later.
(b) Mn043-, R e043-, and R u042-. The most distinctive and readily interpretable 
electron-resonance spectrum in this group is obtained from the ruthenate ion. Two 
distinct electronic transitions are obtained, each with a slight spread but centred on 
apparent g values of 2-05 and 2-00 at 1-25 cm. wavelength. The separation is probably 
due to zero-held splitting of the spin triplet, and the two transitions have probably the 
same g value and a nearly isotropic splitting of 0-02 cm.-1. This is in agreement with the 
postulated (312)2 conhguration of the ruthenate ion. The absorption obtained from the 
hyporhenate ion -is spread continuously over a relatively large held, its extremes corre­
sponding to apparent g values of 2-50 and 2-08. This continuous range of absorption is 
probably to be attributed to the angular variation in splitting, however, and should thus 
be interpreted as arising from two electronic transitions with zero-held splitting varying 
from 0-00 cm.-1 up to 0-12 cm.-1. Only one broad line of 600 gauss width is obtained 
from sodium hypomanganate (Na3MnO4,10H2O), but on dilution of the sample this absorp­
tion completely disappears. I t  would seem that this must be attributed to the sensitivity
Spin degeneracy 
doublet 
triplet 
quartet 
quintet 
sextet
Orbital
tetrahedron
doublet
singlet
triplet
triplet
singlet
octahedron 
triplet . 
triplet 
singlet 
doublet 
singlet
of the spin-triplet splitting to any irregular field symmetries which may arise in the diluted 
sample. These might well produce zero-field splitting so large that electron resonance is 
not possible with the frequencies available. Even this negative result is of use, however, 
since it is only configurations with an even number of unpaired electrons that can have all 
their degeneracy so removed by the action of internal electric fields. Each of the absorp­
tion lines obtained from the three ions was found to be temperature dependent. The
Mn043- ion had to be cooled to T  =  90° K before the signal was seen, whilst the lines
obtained from R u042- and Re043_ were only seen at T =  20° k . This temperature 
dependence is what one would expect from a (3£2)2 configuration, but it is incompatible 
with the d2 configuration of crystal field theory which would exhibit a line width 
independent of temperature.
The absorption signals obtained from the ferrate ion were of particular interest as there 
appeared to be a marked change of g  value with temperature, from 2-14 at 20° k  to 2-00 
at 193° k . There also appears to be an appreciable difference between the absorption 
obtained from BaFe04 and K2Fe04. These results do not fit into the pattern outlined for 
covalent oxy-anions with two unpaired electrons and this problem is being studied in 
more detail.
E x p e r im e n t a l
Electronic Technique.—It  has been seen that one of the main features of interest in this work 
is the variation of the electron-resonance spectra with temperature. Low-temperature
resonators have therefore been employed working at 1-25 cm. or 8 mm. wavelengths. These 
were of the standard type 8 employing nickel-silver wave-guide feed to a cylindrical cavity  
operating in the H 11]L mode, and were immersed in a tailed Dewar flask containing liquid oxygen, 
nitrogen, or hydrogen. The oxy-ion sample was placed centrally in the bottom of the cavity  
in the region of maximum microwave magnetic field, and normal crystal-video 9 methods of 
detection and display were employed. In this way the absorption lines can be observed directly 
on an oscilloscope screen, and the shape and width measured and photographed.
Preparation of Samples.— All reagents used were of " AnalaR ” grade.
Solid potassium manganate was prepared and purified as described in Part I .10 Potassium  
m anganate-potassium  sulphate mixed crystals were obtained from aqueous solutions of 
potassium hydroxide (4 m ), saturated with potassium sulphate at room temperature and con­
taining potassium manganate at a concentration of about 1 0 -2m. This solution was concen­
trated rapidly by evaporation in an evacuated desiccator over potassium hydroxide pellets, and 
one of the very small crystals obtained on filtration was then used to seed the mother-liquor. 
This was concentrated slowly by bubbling through it a slow stream of purified dry nitrogen. 
B y  this simple method water vapour was slowly removed from the solution, carbon dioxide 
was excluded, and very gentle agitation of the solution was provided. Single crystals up to  
4 mm. long were obtained.
Crystalline hydrated sodium hypomanganate was prepared as described in Part I .10 
Specimens of hypomanganate in an alkali glass were made by dissolving potassium permanganate 
in molten potassium hydroxide with access to air and cooling the hot blue solutions as rapidly 
as possible.
Dilute solutions of quinquevalent chromium were prepared in hot concentrated potassium  
hydroxide solution from potassium chromate. These solutions solidified to  glasses a t room 
temperature. N o attem pt has been made to isolate a crystalline derivative because of the 
extreme instability of the ion concerned. I t  is considered m ost probable that these green 
solutions contain the hypochromate Cr043~ ion. Details of the methods used for the preparation 
and the chemical procedures used to establish the valence state of this ion will be published 
separately,11
Solid potassium ferrate was prepared and purified by the method described by Hrostowski 
and S c o tt12 and analysed as described by Schreyer.13 The resulting solid was found to be at 
least 95% pure. Mixed microcrystals of potassium ferrate-potassium sulphate were obtained 
b y saturation of an aqueous alkaline potassium ferrate solution w ith potassium sulphate and 
precipitation with solid potassium hydroxide. Barium ferrate was precipitated from a dilute 
alkaline solution of potassium ferrate by addition of barium chloride.
Sodium ruthenate was prepared in an alkali glass by dissolving finely divided ruthenium  
metal in molten sodium hydroxide and adding sodium peroxide,14 The resulting solid dissolved
in aqueous sodium hydroxide to give a clear orange solution which had an absorption spectrum  
identical with that described by Connick and Hurley 15 for the ruthenate ion.
Barium rhenate was obtained by fusion of barium per-rhenate (0-22 g.), rhenium dioxide 
(0-07 g.), and sodium hydroxide (1 g.) in vacuo.16 The green mass was extracted with ethanol, 
leaving the insoluble barium rhenate as a dark green powder. B y using a slight excess of 
per-rhenate it was ensured that no lower paramagnetic oxidation states of rhenium were present.
Potassium hyporhenate was prepared in an alkali glass by fusion of rhenium dioxide with  
the theoretical weight of potassium per-rhenate in molten potassium hydroxide in vacuo. No 
attem pt was made to isolate the crystalline salt, since it is extremely unstable if free from alkali.
In order to ensure that the electron-resonance absorption lines studied were due to the 
oxy-anions as recorded, several checks were made. Thus in measuring the magnetic suscep­
tibility of potassium ferrate, Hrostowski and S c o tt12 found a marked field strength dependence 
and concluded that this was due to a ferromagnetic impurity, possibly ferric oxide or a ferrite. 
As a check on the behaviour of these possible impurities an aqueous solution of potassium ferrate 
was allowed to decompose to ferric oxide. In a second experiment potassium ferrate was allowed 
to decompose in very concentrated alkaline solution to give a solid solution of ferrite at room 
temperature. Neither of these samples showed any electron resonance either at room or at 
liquid-oxygen temperature.
In order to distinguish the signal obtained from the Crv ion from that caused by any Crin  
impurity, chromic chloride was dissolved in hot concentrated alkaline solution under oxygen- 
free conditions and cooled to a pale green glass. This gave a signal at room temperature, 
whereas the signal obtained from Crv was not seen above liquid-hydrogen temperatures.
In connection with the results obtained for the rhenate and hyporhenate ions, no resonance 
could be observed from rhenium dioxide.
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35. Structure and Reactivity of the Oxy anions of Transition 
Metals. Part I I I *  The Hypochrornate Ion.
By N. B a il e y  and M. C. R. S y m o n s .
In the absence of oxygen, aqueons solutions of potassium chromate 
containing potassium hydroxide in large concentration are slowly converted 
at high temperatures into green solutions which are shown by analysis to 
contain quinquevalent chromium. The optical absorption spectrum shows 
a broad peak at 625 mji with a molar extinction coefficient of about 250, and 
another more intense band with a peak at 365 mp. The reactivity and 
magnetic properties of these solutions are discussed.
I n  Part 1 1 it was shown that, provided protonation is avoided, both the manganate and 
the hypomanganate ion are extremely stable species. It therefore seemed surprising 
that the hypochromate ion, Cr043~, is not normally found during the reduction of chromate 
solutions. This paper presents the results of attempts to prepare and study the hypo­
chromate ion. Scholder 2 has already found that reactions such as :
Ba3[Cr(OH)6]2 +  Ba(OH)2 >- 2Ba2C r04 +  6HaO -|- H2
and 2BaCr04 +  BaC03 >- Ba3(Cr04)2 +  C 0 2 + £Oa
proceed in an atmosphere of nitrogen at about 1000°, the valency state of the chromium 
being determined by analysis and checked by magnetic susceptibility measurements, and 
the structure being determined by X-ray analysis.3
The ready reduction of permanganate to manganate by aqueous hydroxide is followed, 
provided the concentration of water is small, by the reduction of manganate to hypo­
manganate.1 This simple procedure has three important features, namely, that proton­
ation of the oxyanions is avoided, that the hydroxide ion, in the presence of small concen­
trations of water, is a powerful reducing agent, and that the other product of reaction, 
oxygen, can only be present in very small concentrations and hence neither interferes with 
analytical procedures nor reverses the reaction.
When solutions of potassium chromate in potassium hydroxide-water melts were 
heated in an atmosphere of nitrogen, oxygen was evolved and the colour changed from 
pale yellow to a clear, intense yellow-green. Analysis of these green solutions showed that 
the chromate had been reduced to a compound containing quinquevalent chromium, 
which, by comparison with other systems of this type, is almost certainly the hypochromate 
ion, Cr043". The analytical results are summarised in Table 1.
For ease of presentation of experimental procedures it will be assumed that the green 
solutions do in fact contain the hypochromate ion, which will be referred to as Cr043-. 
When chromium is present in the tervalent form-it will be referred to as Crn I ; under 
present conditions the ion obtained is probably Cr(OH)e3~.
E x p e r im e n t a l
All reagents used were of “ AnalaR ” grade, and water was twice distilled from a concen­
trated alkaline solution of potassium permanganate.
Preparative Procedure.—A typical experiment was as follows : Potassium hydroxide (5 g.), 
water (1 g.), and potassium chromate (0-01—01 g.) were heated in a Pyrex-glass test-tube 
by means of a smoky flame for about 2 min. in an atmosphere of dry oxygen-free nitrogen. The 
resulting clear green solution solidified on cooling, to give an opaque emerald-green mass. When 
larger concentrations of potassium chromate were used the mass solidified before complete 
conversion into Cr043” had occurred (Expt. No. 1, Table 1). If the concentration of chromium 
was of the order of 1 0 “4m  the chromium was rapidly and irreversibly converted into a Cr111 
compound, and it was impossible to arrest the reaction at the Cr043- stage. However, when 
the reaction was carried out in a clear, fused-silica tube, reduction beyond the Cr043- stage did 
not occur under any conditions. It  is therefore considered that traces of iron dissolved from 
the Pyrex glass were instrumental in the reduction to Cr111, rather than hydroxide ion. When
* Part II, / . ,  1956, 4710,
length was obtained. The concentration of chromium in the glass was thus found and values of 
extinction coefficients calculated. Owing to the experimental difficulties, values of £max. 
obtained are somewhat inaccurate.
T a b l e  2 . Details of the visible and ultraviolet absorption spectra of 
Cr043~, Cr042-, and Cr111 in alkaline solution.
1st band 2nd band
Cr043~
Cr042-
Cr111...
Compound ■ Tiax. (m/J.)
625 ±  5 
373 
595 ±  2
250 ±  50 
4800 
26-9 ±  0-2
£ m^ax.
500 ±  50 
3688 
34-5 ±  0-2
E
Details of the two peaks observed are given in Table 2, Both bands, devoid of any fine 
structure, are extremely broad and thus the values recorded for the molar extinction coefficients 
at the peaks are not a true measure of the transition probabilities. This breadth could be a 
real characteristic of the Cr043- ion or caused either by the distorting effect of the glassy 
medium or a general background opacity of the glass. However, measurements on a solution 
in aqueous potassium hydroxide, which was fluid at room temperature, although not precise 
because of continuous decomposition, showed conclusively that the first band is still very 
broad even in a clear, mobile solution, and thus it would seem that this breadth is probably 
a characteristic property of the Cr043~ ion.
A t wavelengths shorter than 355 mp the absorption of Cr043- drops to a minimum at 340 
and then rises rapidly to give an absorption greatly in excess of the value at 355 mp. No 
further peak could be found before the absorption due to the alkali glass predominated.
Clear solutions of Cr111 were obtained by heating the appropriate amount of chrome alum 
with aqueous potassium hydroxide ( 8 m ) .  The optical absorption spectrum was measured, and 
the relevant details are recorded in Table 2, together with some details of the spectrum of 
Cr042- in dilute alkaline solution.
Reactions of Cr043-.—When a fused solution of Cr043- was shaken with oxygen, oxidation 
rapidly occurred and the green colour changed to the pale yellow of Cr042~. Analysis of a 
glass containing a known amount of chromium which had been so treated proved conclusively 
that the chromium was reconverted into Cr042'\
When the concentration of alkali is reduced, the Cr043~ quickly disproportionates according 
to the equation 3Crv — »► 2CrVI +  Cr111. Clear evidence of this was obtained when attempting 
to plot the spectrum of hypochromate in a solution which was fluid at room temperature. A 
hot solution of Cr043~ in potassium hydroxide was added to aqueous potassium hydroxide ( 8 m ) 
in an atmosphere of nitrogen, and the solution rapidly cooled in ice. The spectrum of the 
resulting green solution had a peak at 625 mp„, which quickly decreased in intensity, the reading 
at 625 nqj. falling from 0-32 to 0-01 in 15 min. Meanwhile a new peak at 590 mp. appeared. 
After 1 hr. no further change was apparent, and the final spectrum was quantitatively identical 
with that obtained from an alkaline solution of Cr042- and Cr111 in the molar ratio 2 : 1 .
When solid sodium peroxide or an alkaline solution of hydrogen peroxide (Laporte’s, 
unstabilised product) was added to fluid solutions of Cr043- rapid oxidation to Cr042- occurred, 
after which the peroxide was catalytically decomposed without further change.
The addition of sodium sulphite or sodium azide to the solutions had no effect, the spectrum 
being identical with that of Cr043- even after prolonged refluxing with either reagent.
Whilst the analytical results can hardly be fortuitous, the green solutions postulated 
to contain hypochromate ion bear at least a superficial resemblance to solutions containing 
a mixture of chromate and chromic ions. Therefore, other evidence in accord with this 
postulate will now be discussed.
Magnetic Properties.—It has been found4 that the strong paramagnetic resonance 
absorption of the green solutions observed at 20° k  is no longer detectable at 90° k , whereas 
a similar glass containing Cr111 gives a broad, structureless absorption even at room tem­
perature, as would be expected for an octahedral ion with three i-electrons. Since a 
tetrahedral oxyanion with one unpaired electron is expected on theoretical grounds to 
have a strongly temperature-dependent resonance absorption, and since other authentic 
examples, such as manganate, only show a detectable absorption at 2 0 °  k , it is concluded
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length was obtained. The concentration of chromium in the glass was thus found and values of 
extinction coefficients calculated. Owing to the experimental difficulties, values of emax. 
obtained are somewhat inaccurate.
T a b l e  2 . Details of the visible and ultraviolet absorption spectra of 
Cr043~, Cr042-, and Cr111 in alkaline solution.
1st band 2nd band
Cr043~ 
Cr042~ 
Cr111 ...
Compound •^max. (m g)
625 ±  5 
373 
595 ±  2
250 ±  50 
4800 
26-9 ±  0-2
z nnax.
500 ±  50 
3688 
34-5 ±  0-2
e
Details of the two peaks observed are given in Table 2, Both bands, devoid of any fine
structure, are extremely broad and thus the values recorded for the molar extinction coefficients 
at the peaks are not a true measure of the transition probabilities. This breadth could be a 
real characteristic of the Cr043" ion or caused either by the distorting effect of the glassy 
medium or a general background opacity of the glass. However, measurements on a solution 
in aqueous potassium hydroxide, which was fluid at room temperature, although not precise 
because of continuous decomposition, showed conclusively that the first band is still very 
broad even in a clear, mobile solution, and thus it would seem that this breadth is probably 
a characteristic property of the Cr043~ ion.
At wavelengths shorter than 355 mp. the absorption of Cr043~ drops to a minimum at 340 
and then rises rapidly to give an absorption greatly in excess of the value at 355 mp. No 
further peak could be found before the absorption due to the alkali glass predominated.
Clear solutions of Cr111 were obtained by heating the appropriate amount of chrome alum 
with aqueous potassium hydroxide ( 8 m ) .  The optical absorption spectrum was measured, and 
the relevant details are recorded in Table 2, together with some details of the spectrum of 
Cr042- in dilute alkaline solution.
Reactions of Cr043~.—When a fused solution of Cr043- was shaken with oxygen, oxidation 
rapidly occurred and the green colour changed to the pale yellow of Cr042-. Analysis of a 
glass containing a known amount of chromium which had been so treated proved conclusively 
that the chromium was reconverted into Cr042".
When the concentration of alkali is reduced, the Cr043- quickly disproportionates according 
to the equation 3Crv — 2CrVI +  Cr111. Clear evidence of this was obtained when attempting 
to plot the spectrum of hypochromate in a solution which was fluid at room temperature. A 
hot solution of Cr043~ in potassium hydroxide was added to aqueous potassium hydroxide ( 8 m ) 
in an atmosphere of nitrogen, and the solution rapidly cooled in ice. The spectrum of the 
resulting green solution had a peak at 625 mg,, which quickly decreased in intensity, the reading 
at 625 mg falling from 0-32 to 0-01 in 15 min. Meanwhile a new peak at 590 mg appeared. 
After 1 hr. no further change was apparent, and the final spectrum was quantitatively identical 
with that obtained from an alkaline solution of Cr042- and Cr111 in the molar ratio 2 : 1 .
When solid sodium peroxide or an alkaline solution of hydrogen peroxide (Laporte’s, 
unstabilised product) was added to fluid solutions of Cr043- rapid oxidation to Cr042- occurred, 
after which the peroxide was catalytically decomposed without further change.
The addition of sodium sulphite or sodium azide to the solutions had no effect, the spectrum  
being identical with that of Cr043- even after prolonged refluxing with either reagent.
Whilst the analytical results can hardly be fortuitous, the green solutions postulated 
to contain hypochromate ion bear at least a superficial resemblance to solutions containing 
a mixture of chromate and chromic ions. Therefore, other evidence in accord with this 
postulate will now be discussed.
Magnetic Properties.—It has been found4 that the strong paramagnetic resonance 
absorption of the green solutions observed at 20° k  is no longer detectable at 90° K, whereas 
a similar glass containing Cr111 gives a broad, structureless absorption even at room tem­
perature, as would be expected for an octahedral ion with three ^-electrons. Since a  
tetrahedral oxyanion with one unpaired electron is expected on theoretical grounds to 
have a strongly temperature-dependent resonance absorption, and since other authentic 
examples, such as manganate, only show a  detectable absorption at 2 0 °  k , it is concluded
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that the solutions studied contain the ion Cr043- rather than a mixture of Cr(D42- - and 
Cr(OH)63~. [The formulation Cr(OH)63- is used rather than the alternative Cr(OH)4“ 
since a d3 ion of tetrahedral symmetry would be expected to have a strongly temperature- 
dependent resonance absorption.4]
Spectroscopic Evidence.—The results obtained from a study of the rapidly changing 
spectrum of a solution of the green compound in relatively dilute alkaline solutions not 
only show clearly that some new reactive species is present, but also that the original 
solution could not be simply a mixture of chromate and CrIir. The final spectrum, which 
was identical with that of a synthetic mixture of chromate and Cr111 in the ratio 2 : 1,  
was quite different from that of the original green glass, not only in the position of the 
peaks, but particularly in the magnitudes of the absorptions.
I t is remarkable that the first peak of the manganate absorption spectrum is only 
2500 cm."1 away from that of the permanganate spectrum, whereas the energy difference 
between the first peaks of the isoelectronic chromate and hypochromate ions is 10,800 cm.-1. 
However, analysis of the permanganate and chromate spectra made by Wolfberg and 
Helmholz 5 has been extended to include the manganate and the hypochromate ion,6 
and shows that, whilst the first transition for chromate should occur at shorter wave­
lengths than that of permanganate, the first transition for hypochromate should occur at 
somewhat longer wavelengths than that of manganate, as is found experimentally.
Reactivity.—On the assumption that the ion under investigation is hypochromate, the 
reactions studied may be represented by the equations :
(1) 4CrQ42- +  4QH- fc-4 C r0 43- +  2H2Q +  P 2
(2) 3Cr043- +  4H2Q 2CrQ42~ +  Cr(OH)63- +  2QH-
(3) 2Cr042- +  HOa-  +  OH- ----------2Cr043- +  HaO +  0 2
(4) 2Cr043- +  H 02~ +  HaO ------>- 2Cr042~ +  30H -
Reaction (1) proceeds in the forward direction only at high temperatures, with [OH-] 
large and [HaO] and [02] small. The reverse reaction is rapid when oxygen is in excess. 
Reaction (2) occurs only when [HaO] is relatively large. Probably a CrIV compound is 
formed in small concentration but all attempts to detect such an intermediate have failed. 
Reactions (3) and (4) together constitute a possible route for the catalytic decomposition 
of the hydroperoxide ion by chromate ion in alkaline solution. Since hypochromate is 
immediately oxidised to chromate, reaction (4) must be much faster than reaction (3).
From a consideration of the free energies of formation of the compounds other than 
hypochromate in the above reactions,7 and reasonable values for the free energies of the 
reactions, a very approximate value o f —179 kcal. mole-1 may be calculated for the free 
energy of formation of the hypochromate ion. That this value is reasonable may be seen 
by making a comparison with the values for the free energies of formation of the manganese 
oxy-anions recorded in Part I .1 From the value —44-5 cal./deg. for the entropy of the ion, 
calculated by use of the formula given by Connick and Powell,8 the heat of formation of 
the ion is found to be. approximately —237 kcal. mole-1.
P o r t s m o u t h  C o l l e g e  o f  T e c h n o l o g y .
T h e  U n i v e r s i t y , S o u t h a m p t o n . [Received, July. 25th, 1956.]
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5 Wolfsberg and Helmholz, J. Chem. Phys., 1952, 20, 837.
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132. Structure and Reactivity of the Oxy anions of Transition Metals. 
Part IV  * Some Relations between Electronic Spectra and Structure.
By A. Ca r r in g t o n , D. S c h o n l a n d , and M. C. R. S y m o n s .
The molecular-orbital level scheme derived by Wolfsberg and Helmholz 1 
for M n04~ and Cr042- has been extrapolated to explain the electronic spectra 
of the ions M n042~, M n043", C rO /- , and F e0 42“. A linear relation between 
the long wavelength absorption maxima of 3d and 4d transition-metal oxy- 
anions isoelectronic with MnO4~ and the ionic radii of the central metal atoms 
is discussed.
Details are given of the visible and ultraviolet absorption spectra in 
solution of the ions R e0 4” and F e 0 42_.
I n  a molecular-orbital treatment of a molecule, the wave function describing its electronic 
structure is assumed to be a product, or a linear combination of products, of single-particle 
molecular 'orbitals which extend over the molecule as a whole. The molecular orbitals 
for a given molecule reflect its geometrical structure and can be classified according to 
their behaviour under the group of rotations and reflections which leave the molecular 
framework unchanged. For an XY4 tetrahedral molecule (group Td) it can be shown by 
group-theoretical methods that the molecular orbitals must belong to one or other of five 
distinct types. The symbols (in Mulliken’s notation 2) used for these types are listed in 
the first row of Table 1.
When the Schrodinger equation for the XY4 molecule is solved,, one obtains a system 
of energy levels for the individual electrons, some of which are degenerate. The orbitals 
associated with a given level will belong to one of the five types; their corresponding 
degeneracy is shown in the second row of Table 1. The total electronic state of the 
molecule is then specified in the first place by the number of electrons occupying each 
level (the electron configuration)., A given configuration will in general give rise to several 
distinct electronic states (terms) each of which again must belong to one of the five types of 
Table 1 and will have the corresponding degeneracy. In addition it will have the usual 
degeneracy associated with the possible arrangements of the electron spins. These electronic 
states for the whole molecule are designated, in the usual spectroscopic notation, by the 
appropriate capital letters with a superior suffix giving the spin degeneracy, while the 
orbital type associated with an individual electron is indicated by a lower-case (small) letter.
Selection rules operate for optical transitions between different electronic states of the 
molecule, and the allowed transitions for XY4 molecules are given in the third row 
of Table 1. .
T a b l e  1. Classification of XY4. molecular orbitals.
Orbital ty p e   A 1 A 2 E T \ T2
Degeneracy ................  1 1 2 3 3
Allowed transitions A 4->-T2 A z-^-Tx E -^TX, T2 v T2, E,.A2 T2->T 4, T2) E, A x
Wolfsberg and Helmholz 1 have given a treatment of the tetrahedral ions Mn04~ and 
-1 Cr042- in which the molecular orbitals of different types, are approximated by suitable
4 , combinations of 3d, 4s, and 4ft atomic orbitals on the central metal atom and 2ft orbitals
on the oxygen ligands and in which they make various semi-empirical assumptions about 
the values of the parameters that enter the equations. The level schemes they obtain for 
chromate and permanganate are qualitatively very similar. Their scheme for chromate 
is shown in Fig. 1 in which the type of orbital associated with each level is shown, with 
an additional number where necessary to distinguish different levels of the same type.
* Part III, in the press.
The levels below tx are bonding, those above tx are antibonding, while tx itself is non­
bonding, its associated orbitals being centred on the oxygen atoms. Of the bonding 
levels, 1 ax and 1t2 use atomic orbitals from which c-bonds could be formed in a directed- 
valency treatment {dPs or spz tetrahedral hybridisation) while le represents a form of 
•re-oxygen-bonding with the central atom. Thus, as Wolfsberg and Helmholz point out, 
their results associate a very much greater stability with 7r-bond formation than is normally 
considered to be the case in a double bond. This is not the form of ^-bonding normally 
postulated for complex compounds and cannot be pictured as a conventional double bond.
Expected Nature of the Transitions.—For the chromate and permanganate ions there 
are altogether 24 electrons to be accommodated in this scheme and, regard being had to 
degeneracies of the various levels given in Table 1 and the spin degeneracy, it will be seen 
that in the ground state these will completely fill all the levels up to and including tv  giving 
a ground state configuration (lg)4( i y 6(la1)2(2 y 6(i51)6 which gives rise to a 1A 1 electronic
Fig. 1. Energy level scheme for Cr042 .
state. Wolfsberg and Helmholz then interpret the two bands in the visible and ultra­
violet regions shown by chromate and permanganate as due to the electron jumps £j->3£2 
and 2t2->3t2, which give rise respectively to the configurations and electronic states 
. . . .  (/1)5(3y : 1T2 and . . . .  (2 y 5(^ )6(3y : 1T2. Other singlet states can also be formed from
these configurations, e .g .,___(^)5(3y can give 1E, and 1A 2, but no transitions from
the 1A 1 ground state to these are allowed (Table 1).
If further electrons are fed into these ions, it is evident that they should be accommod­
ated in the triply degenerate Zt2 level. The results obtained from paramagnetic-resonance 
experiments 3 are in accord with this picture, indicating that, as one would expect, two 
electrons placed in the 3t2 level have their spins parallel, forming a triplet spin state. One 
is thus led to postulate the configurations and ground electronic states listed in Table 2. 
(Although Wolfsberg and Helmholz only discussed chromium and manganese oxyanions, 
it is reasonable to include iron as well.) •
Table 2. Ground states of the ions.
Ion Configuration Electronic state
Cr042- , Mn04-     . . . . (2#a)6(#1)« M ;
Cr043-, Mn042_  ........................................ . . . . .  (#1)6(3#a) 2T2
. Mn043- , Fe042- ............................................................(h) « 2 ST 1
When the 3t2 level is occupied, Fig. I shows that as well as the electron jumps tx-^3t2 
and 2t2->3t2, the jumps 3t2->2a1 and 3t2-^2e become possible and should give absorptions 
in the same general region of the spectrum.
Thus for 3t2->2a1 the excited configuration for Cr043- and Mn042~ will be . . . .  (^ 1)6(2a1) 
giving rise to a 2A 1 electronic state to which a transition from the 2T2 ground state is 
allowed. For Mn043~ the excited configuration is . . . .  (t1)6(3t2)(2a1) which can form a 
triplet state of type T 2 which again gives an allowed transition from the 8TX ground state.
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In the same way the 3t2->2e jump gives rise to states to which transitions are allowed from 
the ground state.
In the configurations with 3t2 electrons, however, the tx->3t2 and 2t2~>3t2 transitions 
become much more complex than for configurations in which 3t2 is unoccupied. Our 
calculations show that the tx->3t2 jump in Mn042_ which produces an excited configuration 
. . . ■ {tx)5(3t2)2 gives rise^to one 2A X, two 2E, three 2T2, and four 2T X states to all of which 
transitions from the 2T2 ground state are allowed. The probability of a transition from 
the ground state to any one of these excited states is fairly small compared with the 
transition probability for the same electron jump in Mn04_ but the total transition prob­
ability to all the excited states is 5/6 of that for the same transition in Mn04~. In Mn042- 
therefore, the band spectrum associated with the 3t2->2ax electron jump should have a 
simpler structure than that due to the tx-^3t2 jump, and this fact is used below for the 
identification of these two transitions.
Discussion of the Observed Spectra.—The identification of the electronic transitions 
responsible for the absorption spectra of the different ions is shown in Table 3, where the 
figures in each column give (in cm.-1) the positions of the absorption maxima for the ions 
indicated.
T a b l e  3 . Identification of electronic transitions in the spectra.
Transition . Cr042- Cr043- Mn04- Mn042- Mn043_ Fe042~
3^ 2“^ "2# 4 ......... — : ■ 16,000 — 16,530 14,810 12,720
............... 26,810 : 28,200 18,320 22,940 30,500 17,800
3^ 2“^ "2# ........... — (a) — 28,490 30,800 19,600
2jf2->3/2 ....... 36,630 (a) 32,210 33,440 P) (a)
(a) Not observable. (b) See discussion.
(i) Cr042-, Mn04~. These are discussed by Wolfsberg and Helmholz. Their numerical 
results do not predict the positions of the absorption peaks correctly but do show the 
trend towards longer wavelengths in passing from Cr042- to Mn04~. Moreover they are 
able to explain the weak bands found by Teltow4 in his measurements on the mixed 
crystals K(Cl,Mn)04. These occur at the long-wavelength end of the region covered by 
the bands belonging to the main absorption at 18,320 cm.-1 and are explained as the 
normally forbidden transitions mentioned above, associated with the tx->3t2 jump in Mn04~, 
which become allowed by the crystal symmetry. They are also able to account for the 
changes in the bands due to the main tx->3t2 transitions as the direction of polarisation 
varies with respect to the crystal axes. :
(ii) Mn042-. This ion shows the four peaks,5 in the appropriate region of the spectrum, 
expected on the basis of the consideration of the preceding paragraph. Wolfsberg and 
Helmholz’s numerical results suggest that the 3t2->2ax transition should occur at lower 
energy than the tx->3t2 transition. Evidence that this is indeed the case is furnished by 
Teltow’s measurements 6 on diluted crystals K2(S,Mn)04. He divided his spectrum into 
four regions which correspond to the peaks found in the solution spectrum. The longest- 
wavelength region was characterised by a very well defined system of bands with definite 
fine-structure; the remaining regions consisted of weak and diffuse bands with a continuous 
background absorption at least partly due to the overlapping of unresolved bands.
These results show that the long-wavelength absorption must be due to a transition 
from the ground state to a definite electronic excited state, while the transitions responsible 
for the other absorptions are much more complicated. Now we have seen that for Mn042“ 
the transition 3t2->2ax gives rise to only one excited state, whereas transitions, each with 
a relatively small transition probability, to a large number of excited states (which, owing 
to Coulomb effects, will have slightly different energies) will occur with the tx-^3t2 transi­
tion., Hence one may conclude that the long-wavelength absorption in Mn042- is due to 
the 3t2->2ax transition.
(iii) Cr043-. Wolfsberg and Helmholz’s numerical results indicate that the 3t2-^2ax trans-
itionin Cr043- should occur at considerably lower energy than the ^ ->3^ transition, and on 
this basis one can explain the peak that appears at 16,000 cm.-1 as the 3t2- -^.2a1 transition 
while the peak at 28,200 cm.-1 will be the b_->3£2 transition. The fact that the energy 
difference between these transitions in Cr043~ is large compared with the energy difference 
between the same transitions in lVln042" is in accord with the level schemes for these two 
ions. It was not found possible 7 to make measurements at wavelengths shorter than 300 mg.
(iv) Mn043~. The absorption spectrum 5 can be interpreted by correlating the lowest 
energy absorption with the 3z52->2a1 transition as for Mn042-. The very large, broad peak 
with its maximum at 30,800 cm .'1 is interpreted as a superposition of the and
3*a->2<? transitions, and there is some further experimental evidence for this in that the 
peak is just resolvable into two maxima of equal intensity at 30,800 cm.-1 and 30,500 cm.'1. 
The peak now found at 47,000 cm.'1 may be caused by the 2t2-^3t2 transition but the 
molar extinction coefficient (approximately 17,000) is of the order of magnitude expected 
for an absorption arising from charge-transfer to -solvent 8 which might be expected in this 
energy region. Since Mn043_ readily loses an electron 5 this hypothesis seems reasonable.
(v) Fe042_. The spectrum is very similar in appearance to that of Mn043-, the large 
peak being asymmetric with a shoulder at about 17,800 cm.'1 before it reaches its maximum 
at 19,600 cm.-1.
It may be worth noting that the increase in the energy required for the tx->Zt2 transition 
in passing from Cr042- to Cr043- and from Mn04_ to Mn042_ and also the decrease in 
the energy required for the 3^ 2->2a1 transition in going from Mn042- to Mn043_ are both 
consistent with the expectation that, because of Coulomb repulsion, the presence of 
electrons in a given level will discourage transitions of more electrons into that level and 
encourage transition of an electron away from it into.an empty level.
'Regularities in the Spectra of Transition-metal Oxyanions.— It is natural to consider 
whether the level scheme found by Wolfsberg and Helmholz for Cr042- and Mn04_, which 
we have shown can be extended to explain the spectra of other valency states of these ions, 
can be applied to other oxyanions of metals with incomplete ^-shells, for which molecular 
orbitals similar to those used for chromate and permanganate can be constructed. I t  has 
already been noted that the qualitative results obtained from paramagnetic resonance 
studies,3 which give information about the nature of the orbitals in which the unpaired 
electrons are placed, are consistent with such a level scheme.
On this scheme the long-wavelength absorption in ions with the same number of valenGe 
electrons as Mn04" would be due to fhe 't1-^-dt2 transition, i.e., from the non-bonding :t1 
orbital to an empty rr-type antibonding orbital. To a first approximation the energy of 
the non-bonding tx orbital (centred on the oxygen ligands) might be expected bo be more
F ig .  2. Plot of the first absorption maxima of 
. transition-metal oxyanions .isoelectronic
with Mn04~ against the ionic radii of the 
corresponding central metal atoms. -All 
,values for the ionic radii are taken from 
Kordes 9 except that of Tc7+ which has been 
estimated by Ahrens.10
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or less independent of the nature of the central atom so tha t the energy required for the
V>'3'£2 transition ‘would depend directly on that of the 312 level 'and so might he fairly 
simply related to properties of the central atom.
Teltow 6 suggested that a correlation existed between the long-wavelength absorption 
edges of such complexes and the ionic radii of the central atoms, the edge shifting to  
shorter wavelengths as the ionic radius increased. Fig. 2 shows the positions of the 
long-wavelength absorption maxima of Mn04- , Cr042-, V043- {3d transition elements), 
R u 0 4, T c0 4~, M oQ 42- and 0 s0 4, Re04, and W 042- (5d), plotted as a function of the 
ionic radii of Mn7+, Cr6+, V5+,, Ru8+, Mo6+, Os8+, Re7+, Tc7+, and W6+ respectively.
The points for the 3d and 4:d complexes lie on a,good straight line, suggesting strongly 
that these complexes do indeed have very similar electronic structures. The 5d com­
plexes do not fit on this line but a rough correlation does appear to exist for them among 
themselves. The reason for these deviations from the straight line might well be due to 
the part that/o rb ita ls  must play in complexes of the heavier metals.
E x p e r im e n t a l
The absorption spectrum of the ferrate ion in solution has recently been described b y  
Kaufman and Schreyer 11 but they did not define the peak at 12,720 cm.-1, Showing only a 
rising absorption. That this peak is due to the ferrate ion is shown if the gradual decomposition 
of potassium ferrate in aqueous potassium hydroxide ( 9 m ) is followed spectrophotometrically. 
W hilst the optical density slowly decreases, the ratio of the heights of the peaks at 19,700 cm .-1
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and 12,720 cm .-1 remains constant. Furthermore the pronounced shoulder to the 19,700 cm .-1 
.peak, centred at about 17,800 cm .-1 was not recorded by Kaufman and Schreyer but is quite 
reproducible. Measurements were made down to 215 m g where the optical density was still 
rising b ut the strong absorption of the excess of hydroxide ion in  this region prevented definition 
of "the peak. Potassium ferrate (97%) was prepared as described by Hrostowski and S c o tt12 
and analysed by Schreyer’s method.13 The spectrum is shown in Fig. 3.
The measurements of the absorption spectrum of the hypomanganate ion reported earlier 5 
have been extended further into the ultraviolet region. Again the excess .of hydroxide ion  
:present, which is necessary to prevent protonation of the MnOp-  ion, begins to  absorb strongly 
at 215 mg.. A maximum absorption was found at .216 mp (47,000 cm.-1), at which wavelength 
the total optical density of the test solution against air as blank was 1-78. Quartz cells of 0-1 
mm. thickness were used and, in order .to compensate for cell errors, two sets of measurements 
were made, the solvent and the test solution being interchanged in the cells. The two optical 
densities >obtained for any one wavelength were then averaged. .It w as found Impossible to 
m ake reliable measurements below 214 m p because of light-scattering .effects caused b y  the  
large slit widths necessary. Thus, whilst the observed maximum m ay be spurious, the m agni­
tude of the m olar extinction coefficient in  this region, which willihave been reduced if stray 
. .light effects are important, is  greatly in  .excess ;of any values .previously observed for transition- 
metal oxyanions.
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The peak at 30,800 cm .-1 has also been examined in detail. As was discussed earlier, this 
peak is just resolvable into two maxima of equal intensity at 30,800 cm .-1 and 30,500 cm.-1. 
Detailed measurements have been made with different concentrations of hypomanganate 
in differing concentrations of potassium hydroxide so that readings were taken throughout 
the reliable range of optical densities for the instrument used. In the large majority of cases, 
the two maxima were found although in one or two instances the absorption curve showed only 
a slight asymmetry. Spectrographic analysis of a single diluted crystal would settle this point. 
If two transitions are occurring the real separation would be somewhat greater than the apparent 
splitting of 300 cm.-1. The solutions examined were made by dissolving crystalline sodium  
hypomanganate in aqueous potassium hydroxide solutions of concentrations between 6m  and 
10m , the solvent being used in the blank cell.
The absorption spectrum of the perrhenate ion, R e0 4- , in aqueous solution has been described 
by Custers 14 who, however, was unable to make any measurements below 220 mp (45,500 cm.-1). 
Measurements have now been made down to 190 mp (52,700 cm.-1) and the complete spectrum  
is shown in Fig. 4. Potassium perrhenate was prepared by oxidation of powdered rhenium
F ig .  4 . Absorption spectrum of the aqueous 
perrhenate ion, R e 0 4- .
m etal to perrhenic acid with 7 0 %  hydrogen peroxide, the solution being almost neutralised 
with aqueous potassium hydroxide and concentrated by evaporation. The solid obtained on 
cooling was recrystallised from distilled water.
The first absorption maximum of the molybdate ion, M o042-, was obtained by using a 
solution of ammonium molybdate in aqueous potassium hydroxide (0 -5m ), the presence of 
alkali being necessary to prevent the formation of condensed species. These solutions were 
found to obey Beer’s law, whereas aqueous solutions, although showing the same first maximum  
at 4 4 ,0 0 0  cm.-1, exhibited slight deviations from Beer’s law.
Similarly the spectrum of sodium tungstate in aqueous solution was examined. Solutions of 
concentrations 1 X 1 0 -3m to 2  x  10 -4 m showed large deviations from Beer’s law but more 
dilute solutions (e.g., 0 -5  X  1 0 -4m) showed only small deviations. All the solutions showed the 
first absorption maximum at 5 0 ,3 0 0  cm.-1. In very dilute aqueous solution, W 0 42- should 
be the only species present.15 As a check on the position of the first maximum, a solution of 
sodium tungstate in aqueous potassium hydroxide (0-5m ) was examined in cells 0 -1  mm. thick. 
Because of the absorption of the excess of hydroxide ion, it was not possible to define the peak 
but the optical density was still rising at 4 8 ,0 0 0  cm.-1.
Other spectral data were taken from Connick and Hurley 16 (R u04), Langseth and Qviller 17 
(Os04), and Rulfs and Wayne 18 ( T c 0 4- ) .
Spectrophotometric measurements were made with a Unicam SP 6 0 0  glass spectrophoto­
meter, and a Unicam SP 5 0 0  quartz spectrophotometer, the latter having been calibrated down 
to 1 9 0  ihfi. Calibrated quartz or glass cells of 0-1  mm., 1 mm., 2  mm., 5  mm., 1 cm., and 2  cm. 
thickness were used. All reagents used were of “ AnalaR ” grade except for hydrogen peroxide 
which was the unstabilised product supplied by Laporte Chemicals Ltd. and the powdered 
rhenium metal which was supplied on loan by Johnson, Matthey and Co. Ltd,
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Absorption Spectra of Solvated Anions
M. S m i t h  a n d  M. C. R. S y m o n s  
Department of Chemistry, The University, Southampton, England 
(Received September 11, 1956)
THE measurable spectrum of the iodide ion in dilute aqueous solution consists of two broad bands in the 200  ^region, each 
with molar extinction coefficients of the order of 104. The two 
peaks have an energy difference approximately equal to that be­
tween the 2P| and 2Pj states of the iodine atom and accordingly the 
act of light absorption is pictured as the transfer of an electron 
from a p orbital of the ion to the solvent.1 By analogy, the similar 
absorption found for other anions in water is often interpreted as 
being the result of charge transfer to solvent (C.T.T.S.), though in 
many cases it might equally be caused by some purely internal 
transition.
Although the nature of the excited state for the aqueous iodide 
ion is as yet ill defined,2 nevertheless it must certainly be extremely 
sensitive to the precise nature of the immediate environment of the 
ion, and it was therefore thought that a systematic study of the 
variation of the spectrum with change in environment for the 
iodide ion might reveal general features which should be common 
to all ions which show C.T.T.S. spectra.
Variation of temperature, ionic strength, and solvent causes 
displacements of the low-energy band within the limits 210 to 260  ^
(135 to 110 kcal), and Table I shows a few examples arbitrarily 
selected.
These shifts, which are often accompanied by a marked change 
in shape of the band, can neither be explained in terms of the 
formation of a different chemical species nor can they be related to 
any simple thermodynamic property of the solutions. However, by 
assuming that, in the excited state, the electron is held in a 
potential well defined by the oriented solvent molecules,2 a reason­
able correlation of the various shifts has been obtained. This 
appears to be an important method for studying solvation, since it 
does not depend upon an arbitrary division between (-\-)ve and 
(-)ve  ions,3 and does not involve the study of the solvation of an 
ion moving under some external constraint.
Details of the results and their interpretation will be published
T a b l e  I. Effect of environment upon the wavelength of the maximum 
absorption for the low-energy iodide band ([I - ] == 10-4 m).
S o lv e n t T em p . Xmax (A)
H 2O 25 2262
H 2O 70 2290
H 20 + N a C l  (0.2 m ) 25 2260
H a O + N a C l (1.0 m ) 25 ' 2250
H 20  +  (C H 3 )2 C H 0 H  (50/50) 20 2222
C H 3C N 50 2495
shortly. However, the conclusion that the C.T.T.S. spectrum of 
any ion should exhibit the same general features is thought to be 
valid whatever the precise interpretation of the phenomena may 
be. As expected, bromide, chloride, and hydroxide ions fit into the 
pattern, whereas such ions as chromate, permanganate, and 
periodate are relatively inert to the same changes.
Unfortunately, for many simple anions, the maxima of absorp­
tion occur at wavelengths too short for convenient measurement, 
and it is difficult to distinguish between a change in shape and a 
shift for a band whose long wavelength edge only can be studied. 
The thiosulfate ion, however, has a peak at X=2147 A in water 
at 25 degrees, which has been found to be sensitive to environ­
mental changes in a manner completely analogous to iodide ion. It 
is therefore postulated that this is a C.T.T.S. band. Ames and 
Willard,4 and more recently Monk et al.B have suggested that the 
ionic strength effect for thiosulphate can be interpreted in terms of 
the variation in concentration of the ion pair MS2O3- . Our results 
show clearly that, while ion pairing may contribute, it certainly is 
not the only cause of the change in spectrum and its use as an 
analytical tool is as yet unjustified.
1 Rabinowitch, Revs. Modern Phys. 14, 118 (1942).
2 Frank and Platzmann, L. Farkas Memorial Volume (Jerusalem, 1952),
p. 21.
3 Robinson and Stokes, Electrolyte Solutions, Chaps. I and III.
4 Ames and Willard, J. Am. Chem. Soc. 75, 3267 (1953).
6 Monk et al„ Trans. Faraday Soc. 51, 793 (1955); 52, 685 (1956).
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Electronic Spectrum of Trapped Ethanol Radicals
M. C. R. S y m o n s  a n d  M. T o w n s e n d  
Department of Chemistry, The University, Southampton, England 
(Received September 28, 1956)
IRRADIATION with ultraviolet light of a variety of photo- chemically active compounds dissolved in rigid glasses im­
mersed in liquid nitrogen and containing ethanol as a major 
component, produces an intense violet coloration which is lost as 
soon as the glass softens. It is postulated that this violet compound 
is a free radical formed from the ethanol by hydrogen atom 
abstraction, for the following reasons.
The violet glasses are always paramagnetic, and the para­
magnetism is lost, together with the color, on softening.1 There­
fore, unstable radicals are certainly present.
The spectrum of the glasses, which has been measured in the 
visible and ultraviolet region with a modified Unicam SP 500 
Spectrophotometer, shows that the violet color is caused by a 
very broad band with a peak at 517±2 mn and an extinction 
coefficient at the peak of about 300. When hydrogen peroxide 
(10- 2M) was photolyzed in ethanol, this was the only new ab­
sorption band observed in the 240 to 1000 m/i region. In particular, 
no band or shoulder appeared near 300 m/t, thus showing that 
there was no buildup in the concentration of free hydroxyl radi­
cals, which are known to absorb strongly in this region. A “cage” 
back reaction of hydroxyl radicals to give water and oxygen atoms 
still cannot account for the violet band, while the reaction
•0H+H202^H20+H02
is improbable in dilute solutions. Glasses containing only water 
and hydrogen peroxide (40%) become strongly paramagnetic 
after prolonged irradiation. Under these conditions, HCV could 
well be formed but the glass remains colorless.
It is considered that these arguments, together with the results 
recorded in Table I, leave little doubt that the violet compound 
is an ethanol radical. This radical may be formulated as (i) 
• CH2CH2OH (ii) CH3CHOH or (iii) CH5CH20-. Radical (i) is 
. rejected since simple alkyl radicals do not absorb in the visible or 
near ultraviolet region. Radical (iii) is rejected since it is unlikely
T a b l e  I. Colors of paramagnetic glasses after irradiation in liquid nitrogen.
Photolyzed compound Solvent Color
none EtOR none
H 2O2 EtOH violet
H 3P 0 4 none
H 2O - H 2O2 none
(CHshCOOH EtOH violet
mixed hydrocarbon none
(CH3)3COOC(CH3)3 EtOH none
C102 EtOH violet
mixed hydrocarbon none
to absorb visible light. Some evidence in support of this sugges­
tion comes from the observation that irradiation of ditertiarybutyl 
peroxide in ethanol does not result in any coloration, although the 
glasses become paramagnetic. The ethanol is therefore not 
attacked and so it is concluded that the paramagnetism is caused 
by (dU^CO- radicals which are therefore colorless. Since re­
placement of hydrogen by methyl is unlikely to result in a large 
displacement of an absorption band, it is concluded that radical 
(iii) is also colorless.
In contrast, radical (ii), because of its resemblance to the HC>2- 
radical, is expected to undergo a permitted low-energy transition2 
and is therefore probably the trapped violet radical. This con­
clusion is supported by results obtained from paramagnetic 
resonance studies.
It appears, therefore, that, despite the low temperature, highly 
reactive radicals formed in a glass are able to react with the sur­
rounding medium to form new radicals which are then trapped. 
If this generalization proves correct, then the method should be­
come a useful compliment to direct photolysis and hence greatly 
increase the range of radicals which can be studied by trapping in 
a glass.
1 Gibson, Ingram, Symons, and Townsend (to be published).
s A. D. Walsh, J. Chem. Soc. 1953, 2293.
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7^0. 1 The Formation of Iodine Cations. Part I. >Magnetic 
• Evidence.
By M. C. R . Sy m o n s .
Magnetic-susceptibility ; measurements -on 'blue solutions o f' iodine in 
oleum show that they contain ;a-paramagnetic material.1 Calculation based 
on the assumption that the paramagnetism is a property of the iodine gives a 
magnetic moment of 1*9 O-l B.Mrper iodine atom for O-lM-solutions and 
2-5 it  0-4 B.M. for OOlM-solutions. It is postulated that the iodine is 
“ present partly as the free cation I+; 'which should have two unpaired 
•electrons in the ground state, and partly as the ion ISO-p or the molecule 
11 IS04, both of which should be diamagnetic. Analysis shows that the iodine 
is entirely in the d-1  valency state^ arid the complete non-*volatility of the 
iodine at high temperatures and the great thermal stability of the solutions 
are properties’which conform with'the above postulate.
T h is  paper describes a n ' attempt to prepare "and study' the' free iodine cation r I+. 
Previously, the two properties of this ion which have been looked for in solutions likely 
to contain it are its positive charge and its high electrophilic power. Unfortunately, other 
species, such as protohated hypoiodous acid, IOH2+, which may be present together with 
the free cation, are also positively charged and likely to be powerful electrophilic reagents, 
. and hence considerable ambiguity may arise when these techniques are used.
There are, however, two other properties of the iodine cation which do not suffer from 
this ambiguity, namely, the electronic spectrum of the ion and its magnetism. Of these, 
the magnetism should provide the most conclusive evidence since the free ion in its ground 
state should contain two unpaired electrons1 and hence be paramagnetic, whereas it is 
*; highly probable that all possible covalently bonded' compounds will be diamagnetic.
Accordingly a systematic attempt 'has been made to find conditions under which the 
J free cation could exist in detectable concentration. ‘At first it was hoped that electron- 
resonance techniques could be used and hence that concentrations smaller than 10 _4m  could 
be detected; however, for reason^ discussed below this approach proved unsatisfactory 
and therefore it was necessary to use far less sensitive magnetic-susceptibility methods. 
For such measurements to be conclusive concentrations greater than 10_2m were required.
Sulphuric acid was chosen as solvent since it is electrophilic, has a very high dielectric 
constant, and has already proved so successful A in the study of the nitronium ion, N 02+.
! Recent spectroscopic studies of solutions of iodine in sulphuric acid show that there is no 
interaction such as is found with donor solvents, the spectrum being'close to that of iodine 
vapour.2>3 No indication of any ionisation such as I2 ^  I+ +  I - or 2I2 1+ -f I3_
was found. Thus, despite its high dielectric constant, sulphuric acid is unable to support 
such a dissociation. ' Indeed; if it could; One would expect reaction to occur, since as is 
well known, iodide ion is readily protonated and oxidised by concentrated sulphuric acid.
Clearly an electrophilic reagent more powerful than sulphuric acid is required to displace 
the iodine cation from the molecule :
A |- I2 AI_ -f- U
Further, if the compound AI “ is unstable such a n ‘equilibrium might move to favour a 
high concentration of the cation.
Such an electrophilic reagent is sulphur trioxide. As it is added to a saturated solution 
of iodine in sulphuric acid (about 1 0 '3m) the Colour slowly changes from violet through 
brown and green to an intense blue, and sulphur dioxide is evolved. These blue solutions 
possess certain striking features, when compared -with solutions in sulphuric acid. The
apparent solubility of iodine is increased more than a hundred-fold : the solutions may be 
heated to 20 0° with no loss of iodine whatsoever : in the absence of any compound which 
can be iodinated, the solutions may be .refluxed for a prolonged, period without 
decomposition and are Stable for many months at room temperature.
Quantitative measurements show that addition of water to re-form sulphuric acid 
liberates only 80% of the iodine initially present, the remainder having been converted 
at some stage into iodate. This result can most simply be explained by the postulate 
that all the iodine is present in the blue solutions in the -)-1 valency state, and that when 
water is added, disproportionation into iodine and iodate occurs :
5I2 — 10I1 — 4I2 +  2IV
The most striking property of the blue solutions is that they contain a paramagnetic 
species. This is taken as good evidence for the presence of the free iodine cation, since 
is is very difficult to formulate any other reasonable compound which should be para­
magnetic. However, the calculated magnetic moment is considerably smaller than would 
be expected if all the iodine were present as the free cation, which probably means that 
it is present in equilibrium with other compounds such as IHS04, IHS20 7, or IS03+ in 
.which it is covalently bonded. These and other possibilities are discussed below.
J"' E x p e r im e n t a l  '
M aterials.—When iodine resublimed in vacuo was used in place of “ AnalaR ” iodine, 
which was used for most experiments, identical results were obtained. Similarly, 65% oleum 
supplied by B .D .H . Btd. behaved in a manner substantially the same as oleum prepared in the 
following way : sulphur trioxide was distilled from a mixture of ‘ ‘ AnalaR ’ ’ sulphuric acid and 
phosphoric oxide and dissolved in sulphuric acid (also distilled in vacuo). To avoid contamin­
a t io n  with grease, all ground-glass joints were sealed with phosphoric acid. All other reagents 
were of “ AnalaR ’’ grade; water was purified by twice distilling it from alkaline permanganate, 
y- Magnetic-susceptibility Measurements.—-These were made with a conventional Gouy balance 
at room temperature. The electromagnet was operated at a field strength of 8000 gauss, with 
pole pieces 3 cm. apart. The air-damped balance was accurate to ±0-01 mg. The measuring 
tube was calibrated by use of nickel chloride solution and water, the results agreeing within 
2%. In all experiments, and in the calibration, a correction was made for the diamagnetism of 
the em pty tube. The results were calculated by the method outlined by Dodd and Robinson.4 
Results for two typical experiments are recorded in Table 1. Six determinations were made 
with freshly prepared solutions in which the concentration of.iodine was close to 0 - I m , and a 
further six after these solutions had been diluted ten-fold. The last column of Table 1 contains 
the average of these determinations and the maximum deviations observed. However, as 
, can be seen from the Table, when the concentration of iodine was small the results are derived 
.from very small differences between large numbers, and small but constant errors could well 
account for the apparent increase in a.
i  T a b l e  1.
C ols. 1— 5 g iv e  th e  e x p e r im e n ta l r e s u lt s  for  tw o  ty p ic a l  m a g n e t ic - s u s c e p t ib il ity  m e a s u r e m e n ts , a n d  
co l. 6 g iv e s  t h e  a v e r a g e  r e s u lt s  a n d  m a x im u m  d e v ia t io n s  for  s ix  e x p e r im e n ts  w ith  [ I 2] =  OTm a n d  s ix  
w ith  [ I 2] =  0 -0 1 m .
p i 2 is  th e  w t .  fr a c t io n  o f  I 2 in  g . /p e r  g . o f  s o lu t io n , th e  g .-a to m  s u s c e p t ib il ity ,  x a - th e  s u s c e p t ib i l i t y  
a f te r  c o r r e c tio n  for d ia m a g n e t is m , /j. th e  m a g n e t ic  moment in  B.M. p er  io d in e  a to m , a n d  Sw the d iffe ren ce  
(in  g . ) b e tw e e n  t h e  w e ig h t  o f  t h e  tu b e  a n d  it s  c o n te n t s  in  th e  p re se n c e  a n d  in  th e  a b se n c e  o f  t h e  m a g n e t ic  
fie ld . -
Pl2 1°8XA 106XA' fl Mav
0 0-01290 — . — — —
, 0-0147 0-01002 1297 1377 1-82 1-90 ±  0-1 (0-1m)
0-00147 0-01229 3020 3100 2-71 2-50 +  0-4 (0-01m)
r Oleum for blank, determinations and for the preparation of solutions was carefully de­
aerated before use. The iodine solutions were prepared by dissolving a known weight of iodine 
in oleum (65% S 0 3 by wt.), care being taken to prevent loss of hydrogen iodide during the time 
of reaction. Finally, ;to ensure that the reaction was complete, and to drive off dissolved
sulphur dioxide, the solutions were heated to 100° and cooled before use. The iodine concen­
trations in the blue solutions were checked by spectrophotometric measurements at 645 mp 
after suitable dilution with 65% oleum.
In an attempt to check the possible formation of IH S 04 or IH S20 7, solid potassium hydrogen 
sulphate was added to a solution of iodine (OTm) and the susceptibility of the solution compared 
with that of a solution of potassium hydrogen sulphate in oleum of the same concentration 
(OTm). The resulting moment of 1-58 B.M., whilst smaller than that found in the absence of 
the sulphate, may be somewhat inaccurate since considerable heating was required in order to 
dissolve the added salt. . . . .
Analytical Procedure.— If the blue solutions contain iodine in the + 1  valency state, then the , 
addition of sufficient water to convert the oleum into concentrated sulphuric acid should result 
in the disproportionation of the iodine into molecular iodine and iodic acid or iodate; and, as 
has been shown above, if a solution of iodine in sulphuric acid is treated in turn with oleum 'and 
water, 80% should be recovered as the element and 20% as iodate. The following experiments 
were devised tb test this concept. '■
Nearly saturated solutions of iodine in’sulphuric acid (96 T  0T%) were prepared by cooling 
warm solutions, and their optical densities in the 400— 600 mp region recorded. Since these 
values depend somewhat on the precise water content, a further check was made by quantit­
atively extracting 25 ml. portions with chloroform or carbon tetrachloride and recording the 
spectra of the iodine in the extracts.'
Oleum was added, dropwise, to the solutions of iodine in sulphuric acid until, on standing, 
a clear blue colour was obtained. The spectra of the blue solutions were recorded, and the 
aqueous sulphuric acid was added, to’ the cooled solutions until the blue colou rwas entirely lost 
and the spectra once more showed a maximum at 500 mp, characteristic;of molecular iodine. 
The spectra of these solutions and of the chloroform, or carbon tetrachloride extracts were again 
recorded. The differences between these values and those obtained initially gave, directly, 
the percentage of molecular iodine lost during the cycle of operations described above. The 
results of a typical experiment are recorded in Table 2. The average of four experiments gave 
a reduction of 20 ±  2% in the concentration of iodine. Optical densities were measured with  
a Unicam SP 600 glass spectrophotometer, the solutions being kept in calibrated cells fitted 
with ground-glass stoppers.
T a b l e  2.  Details of spectra of various solutions prepared from iodine-. Optical-density 
values have been adjusted where necessary, so as to be directly comparable.-
Before addition of S 0 3 After addition of S 0 3 and re-dilution
Solvent H 2S 0 4 0C14 H 2S 0 4 CC14 ’ Oleum
Amax (m/i)      500 .. 515 500 515 645
O ptical-density.....................   0-390 . 0-420 0-310 0-335 . 0-568
Bower and S c o tt2 give emax. 844 at 500 mp for iodine in sulphuric acid, whilst Buckles and 
Mills 3 give emax, 770 at 502 mp. The same authors record emax. as 930 and 918 respectively at 
517 mp for iodine in carbon tetrachloride. In the present work, the value for emax. in carbon 
tetrachloride is taken as 923 and the value for sulphuric cicid at 500 mp as 850.
According to the theory outlined, the solutions remaining after the final extractions of 
iodine should contain a quantity of iodate equivalent to 20% of the iodine used initially. In 
order to check this, the residual solutions were diluted with water and analysed for iodate by 
addition of excess of potassium iodide and spectrophotometric estimation of the concentration 
of the resulting iodine. In every case, iodate equivalent to 20 i  5% of the initial iodine was 
detected.
D is c u s s io n
Interpretation of Magnetic Results.—-Although the measured magnetic moment lies 
close to the spin-only value (1-73 B.M.) for one unpaired electron per iodine atom it is 
difficult to see how such a system could be formed. Conceivably, protonation might 
stabilize an iodine atom sufficiently to prevent recombination, but since the iodide ion 
itself is only a very weak base this seems unlikely. However, the analytical evidence 
clearly shows that the iodine is present in the -j- 1 valency state, thereby excluding any 
formulation involving iodine atoms., a
The low value for the measured magnetic moment of l-9; f t  OT B.M. should be compared - 
with the spin-only value of 2*83 B.M. calculated from the equation p == 2y/'[S(S-T 1)], 
and the value of 3-68 B.M. calculated for the 3P 2 state of the iodine cation from the equation 
9  =  gV U U  -i- !)] when -
g =  1 +  L/(./ +  1) +  S{S  +  1) -  L (L  +  l)]/2J ( J  +  1). ’
The latter equation should.be applicable if the spin and orbital moments are free. However,;■: 
these formulae only apply when Russell-Saunders coupling is operative, which may well 
not be the case for the iodine-cation, and their direct application is based on the assumption 
that the simple Curie law is valid. r This; assumption may not be'legitimate and it is hoped 
that a study of the temperature-dependence of the . paramagnetism will help to resolve 
the problem.
As suggested above, however, the measured moment is probably low because the. 
concentration of iodine cation is. lowered by equilibria (1) , :(2);, or (3)
(1) I+ +  HSQ4: g = ^ I H S 0 4 \
(2) 1+ +  IIS2Ov- IHS20 7 •
(3) H  +  S()3 ^ I S C y *
Equilibrium (1), which seems highly probable in dilute, oleum; would, be altered by the ; 
competing equilibrium (4) p
(4) S03 +  HS04- = ^ H S 20 7-
and equilibrium (2) by further reaction of the negative ion with sulphur trioxide. Since 
disulphuric acid is a stronger acid than sulphuric acid, it seems reasonable to assume that 
equilibrium (2 ) would favour the formation, of I+ more than (1) and hence that the concen­
tration of I+ would increase with increasing complexity of the negative ion, and, therefore 
with increasing addition of sulphur trioxide. A definite reduction in the apparent moment 
on addition of potassium hydrogen sulphate may be taken as evidencein favour of equilibrium : 
(1) or (2 ), and the competing reaction (4 ) may explain why. the reduction was less than 
expected. ,
Equilibrium (3) might be considered unlikely since it involves interaction, between two 
very powerful electrophilic reagents. However, the formation of S20 3 under very similar 
conditions, and the fact that IS03+ and S20 3 are structurally comparable, support the 
postulate.: The structure of S20 3 is unknown. .-.A possible structure would be that of the 
thiosulphate ion after the removal of two electrons. If two electrons-were removed from 
th e ! structurally equivalent sulphate ion, the molecule S04 would almost certainly have 
two unpaired electrons, since, the electrons would be removed from a set of three degenerate 
molecular orbitals.5 However the’replacement of one oxygen atom by a sulphur atom 
or the iodine cation reduces the symmetry of the molecule and would remove the degeneracy 
of these levels. . Thus both S20 3 and IS()3 1 should be diamagnetic.
I t is hoped that a study of the temperature-dependence of the spectrum of the blue 
solutions may shed light on these various possibilities.
Attempts to study the paramagnetic properties of the blue solutions by electron- 
resonance methods have so far been inconclusive.6 Certainly no resonance absorption is 
observed in fluid solutions of any = concentration, thus showing that strong spin-orbit 
coupling must occur.;  ^ In some experiments two small absorption bands were observed at 
very-low magnetic fields when l -25 cm. radiation, at 20Q k was used, but, these results were 
irreproducible,;, and no resonance was observed. at this' , temperature w ith ; 8 mm. micro­
wave radiation. , No inference can yet be drawn from these results, but if the absorption 
is due to the iodine cation then the lack of reproducibility may be understood in terms of . 
the extreme sensitivity to conditions expected for an ion with two unpaired electrons.5
If an ionic crystalline compound could be isolated containing I+ suitably diluted with 
sodium or potassium, ions, then resonance studies might prove extremely fruitful.
M e c h a n i s m . is suggested that the following reactions are. involved in the formation . 
of the iodine cation :
(5) S03 -!- I2 ^ I S 0 3 - +  P
(6) i s o 3- +  H2S0 4 ^ 6= i s o 3h  +  HS0 4+
(7) ISOgH T  S03— ► 1+-f HS04- +  S02
Reaction (5) is written as an SE2 displacement of the iodine cation by sulphur trioxide. 
The alternative SB1 reaction, involving a prior ionisation of I 2 into I + and I - , is considered 
far less likely (see above). Even if this equilibrium is not favoured in the forward direction, ,, , 
the removal of IS03~ by reactions (6) and (7) will help to build up a high concentration of 
I+, which may, however, be partially removed by reactions (1), (2), and (3).
These reactions are closely related to the oxidation of iodide by sulphuric acid,7 which, 
by analogy, probably follows the course :
(8) I- +  H 2S04 IS03- -j- H20  (Sn2 or SN1)
(9) I - '+  IS03H H 2S04 —^ I 2 -}• H S(V  -|- II20  -f S02
The reaction sequence (5), (8), (6 ), and (9) could conceivably replace (5), (6 ), and (7) since 
the overall result (10) would be the same.
(10) I2 +  2S03 +  H 2S04 — ► 21++ 2HS04- +  S02
On dilution with water the iodine cation would be converted into protonated hypoiodous 
acid, IOH2+. In sulphuric acid this ion rapidly decomposes to give iodine and iodic acid, 
probably by the formation of IO+.8
Reactivity.—It is remarkable that solutions of iodine in oleum have been used for some 
years to iodinate aromatic compounds which are unaffected by other iodinating reagents, 
but that, so far as the author is aware, no one has suggested that the iodine cation, which 
would surely be the most powerful of all iodinating reagents, is the active agent. Thus 
for example, phthalic anhydride,9 pyridine,10 and picoline 11 are iodinated in the positions 
expected to be attacked by an electrophilic reagent.
Masson 12 found that the addition of iodine to yellow iodous sulphate in sulphuric acid 
gave brown solutions which, he postulated, contained the ions I3+ and I5+. He found that 
these solutions were also able to iodinate aromatic compounds readily, and postulated 
that the free iodine cation was the active agent. It will be shown in Part II that these 
brown solutions closely resemble the brown solutions formed by the addition of iodine to 
sulphuric acid containing a very small quantity of sulphur trioxide, and it is most probable 
that these solutions also contain ions such as I3+ and I5+.
Details of Other Evidence.—As was mentioned above, it is considered that previous 
evidence for the existence of the iodine cation, obtained by transport and conductivity 
measurements and by kinetic studies, is inconclusive. Thus transport studies on iodine 
chloride in nitrobenzene 13 are thought to prove the occurrence of the equilibrium 2IC1 
I+ T  IC12_. However, the iodine cation would certainly iodinate nitrobenzene, and 
the resulting iodonitrobenzene might well act as a proton-acceptor and hence be positively 
charged. Alternatively the positive ion might be I2C1+.
Similarly, convincing kinetic evidence in favour of the iodine cation as an intermediate 
in a reaction has yet to be found, but mention must be made of the interesting studies 
made by de la Mare, Hughes, and Vernon,14’15 who showed that, for a certain range of 
reactivity, the concentration of the aromatic compound does not enter into the rate 
equation for chlorination with hypochlorous acid in- aqueous perchloric acid. They 
suggest that the measured rate is the rate of formation of the free chlorine cation from
protonated hypochlorous acid C10H2+. Further evidence in favour of this interpretation 
is presented by Swain and Ketley 16 who found that in D20  the rate of chlorination is 
reduced to about half the value found in H20. An extension of these studies to iodination 
by hypoiodous acid would be most interesting. '
Finally, Eley and Pepper 17 have postulated that the catalysis of vinyl polymerisation 
by iodine in inert solvents proceeds via the free iodine cation formed by the reversible 
dissociation 2 I2 — w I+ -(- I3~.
Whilst it might appear that this method could be used as a sensitive test for active, 
free cations, nevertheless many features of the polymerisation can be explained by 
formulations not involving the free cation.
The work reported in the present paper is incomplete, and further studies are being 
made. However it was thought that the results might prove to be of sufficient interest 
to warrant publication at this stage.
Thanks are offered to Dr. G. W. A. Fowles and Mr. W. R. McGregor for helpful advice 
relating to the magnetic susceptibility measurements.
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418. The Formation of Iodine Cations. Part I I .1 Spectroscopic 
Evidence.
By M. C. R. S y m o n s .
The visible and ultraviolet absorption spectra of blue solutions of iodine 
in concentrated oleums are presented and compared with the spectra of 
solutions of iodine in dilute oleums and in sulphuric acid. The blue solutions 
are characterised by an intense band at 650 my, which is identified ten­
tatively as a triplet-singlet transition of the iodine cation, since the results 
obtained from this ion in emission show that such a band should occur in 
this region. A small band at 1400 my may also be caused by the iodine 
cation but relatively weak bands at 470, 400, and 300 mp are shown to be 
caused by two other absorbing species. Aspects of the spectroscopic, 
magnetic, and chemical properties of ter- and quinque-valent iodine in these 
solvents are reported.
I t  was postulated in Part I 1 that the paramagnetic species present in blue solutions 
obtained when iodine reacts with concentrated oleum is the free iodine cation, 
I h. Although this ion does not seem to have been studied before in solution it has been 
known for some time that it is present in electronically excited states when iodine vapour 
is decomposed by an electric arc.2,3 From the observed transitions between excited 
states, Murakawa3 has calculated the energies of the low-lying states relative to the ground 
state, although transitions between these levels have not been directly observed. The 
spectroscopic terms for the ground and low-lying excited states together with the wave­
lengths expected for transitions from the ground state to these levels are recorded in the 
Table.
Low-lying excited, states for the iodine cation.
' Orbital ty p e .............................  3P 2 SP 1 SP Q 1D2 15 0
Energy (cm.-1) ........................ 153,362 146,272 146,911 139,631 120,733
Transitions ....................... 3P 2------->~SP 1 3P 2------> -3P „ 3P 2------> -1D 2 3P 2------►-15 0
Wavelength (mp) ................  1410 1550 728 310
All these transitions are forbidden by atomic selection rules. The first permitted 
transitions lie below 200  mp and therefore cannot be studied when sulphuric acid is the 
solvent. However, for elements of high atomic number, triplet-singlet transitions of 
moderate intensity are observed and therefore the 3P 2 — 1D2 transition should be 
readily detectable. Of the others, only the 3P 2 — 3P 1 transition is likely to be detectable, 
and even this should be extremely weak. Therefore solutions containing the free iodine 
cation should appear blue.
The spectrum of the blue solution in oleum is characterised by a strong band with a 
maximum at 650 mp (Fig. 3), the intensity being about double that of the 520 mp band of 
the iodine molecule. It is postulated that this band is the expected 3P 2 — ►- 1D2 transition 
of the iodine cation shifted to shorter wavelengths by solvent interaction. A small band 
in the infrared region with a maximum at about 1400 mp (not recorded in Fig. 3) may also 
be caused by the iodine cation but the bands at 470, 400, and 300 mp cannot be caused by 
the free cation if the energy-level scheme given in the Table is correct. However, it was 
postulated in Part I that only part of the iodine is present as the cation, since the observed 
paramagnetism was somewhat smaller than that expected for I+. Analysis showed that 
most of the iodine was in the univalent state, although the possibility that zero and ter- 
valent iodine compounds were present in equivalent amounts was not excluded. In 
particular, it was suggested that the ion IS03+ might be present, and that covalent bonding 
might occur between the iodine cation and ions such as HS04“, HS20 7_, etc.
That the bands at 470, 400, and 300 mp are not directly related to the 650 mp band can 
be seen by comparing the results recorded in Figs. 1 and 3. Thus the 650 and 400 mp 
bands are not observed in brown solutions of iodine in dilute oleums, but the 470 and 300
rn.fi. bands are still present. When sulphur trioxide is added to a solution in dilute oleum 
these bands decrease, and the 650 and 400 mp bands increase in intensity (Fig. 2). The 
400 mp band is only found together with the 650 mp band, but when a blue solution is 
heated the latter band gains in intensity at the expense of the former, and this effect is
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reversed on cooling. Such behaviour is not normally observed for two transitions of the 
some compound and it is accordingly concluded that the 400 mp. band is caused by a 
third component.
The main conclusions are that these results in no way disprove the theory that free
F ig . 2 . Effect of heat on the spectrum of iodine 
in oleum (10%).
0 4
0  3
x
ou
•*»
O
4 0 0  5 0 0 6 0 0 7 0 0
F ig . 3 . Spectrum of iodine in concentrated 
oleum (6 5 % ).
0 - 4
v>c;<y
*  0 2
c>
o
O
3 0 0 500  
Wa y e  l e n g t h
7 0 0Wav 9 l e n g t h  (m/j^
. a, At room temperature, immediately alter 
heating; b, same solution alter 12 hr.
iodine cations are present in large concentration in solutions of iodine in concentrated oleum,1 
and that the proximity of the main 650 mp. band to the expected 3P 2— ► 1D2 transition 
of the cation supports the theory. Other features of these solutions, together with some 
properties of solutions of ter- and quinque-valent iodine (I111 and Iv respectively) in these 
solvents, are reported and discussed below.
E x p e r im e n t a l
Spectrophotometric measurements were made with a Unicam SP500 quartz spectrophoto­
meter (below 360 mp), a Unicam SP600 glass spectrophotometer (360—900 mp), and a Hilger 
Uvispek spectrophotometer (900—-1600 mp). All cells were calibrated, and controls were 
prepared from the same oleum used for solutions. 1 cm. cells were stoppered, but 1 mm. cells 
were not covered since it was found that when moisture was absorbed from the atmosphere a 
thin upper layer was formed which did not affect the optical density of the solution and 
effectively sealed off the contents of the cell. 0-1 mm. cells were obtained by the insertion of 
0-9 mm. quartz spacers into 1 mm. cells.
Cells were cleaned by repeated washing with test solutions and care was taken to avoid 
striations in the solution since their presence seriously affected ultraviolet measurements. 
For readings above 900 mp thin cells were used and a Chance OX2 infrared filter inserted in 
order to reduce effects of stray light. However, relatively large slit-widths were necessary 
and therefore little reliance can be placed on the precise optical-density values obtained in 
this region.
High-temperature measurements were made by pouring hot solutions into pre-heated cells, 
stoppering, and rapidly recording the relevant optical densities. The resulting values were 
compared with the spectrum of the cold solution. Iodine and solvents were purified as described 
in Part I .1 Solutions of iodyl sulphate were prepared either by heating “ AnalaR ” potassium  
iodate in concentrated sulphuric acid or by heating equivalent portions of iodine and iodine 
pentoxide suspended in sulphuric acid.4 The yellow crystalline product was dissolved in 
sulphuric acid or oleum for spectrophotometric measurements. Aqueous solutions containing 
protonated hypoiodous acid, H 2OI+, were prepared as described by Bell and Gelles.5 Solutions 
containing Iv were prepared by shaking finely powdered potassium iodate or iodine pentoxide 
with sulphuric acid or oleum at room temperature.
Oleum concentrations were estimated by Kunzler’s " fog-clear ” method,6 which is easy 
and rapid, and sufficiently accurate for most purposes.
Magnetic measurements were made as described in Part 1 1 for both concentrated solutions 
of iodyl sulphate and the solid.
R e s u l t s  a n d  D is c u s s io n
Spectra of Solutions in Sulphuric Acid and Dilute Oleums {Fig. 1).—In concentrated 
sulphuric acid the spectrum of iodine is close to that of the vapour (curve a) and there 
appears to be no interaction with the solvent. This result agrees with those already 
reported 7>8 except that the broad peak at 320 mji. reported by Bower and Scott 8 was not 
observed. The solubility of iodine in dilute oleum is very much greater than in sulphuric 
acid and the solutions are brown. A typical spectrum is curve h. Curve c was obtained 
from the same solution after prolonged heating to remove sulphur trioxide so that its 
concentration was less than that in 100% sulphuric acid. Iodine was lost during this 
process and the optical-density scales have been adjusted to facilitate comparison. This 
spectrum underwent a marked change over a period of about 4 hr., and curve d represents 
the final result.
The appearance of a new peak at 300 mg, and the shift of the main iodine transition 
towards the ultraviolet are changes which resemble the effect of “ donor ” solvents on the 
iodine spectrum. However, it is probably the iodine molecule which is now acting as 
donor, and it is postulated that the new complex is the ion I3+, formed by partial oxidation 
of the element. Masson 9 has already presented arguments which point to the presence of 
I3+ and even I5+. By analogy with chlorine monoxide, the ion I3+ would be bent and 
diamagnetic, and a series of relatively low-energy transitions would be expected.
If I3+ is formed by the reaction I2 ~j-I+ =5^= I3+, it should be possible to influence the 
position of equilibrium by suitable operations. Thus when the concentration of iodine 
is large no free I+ should be  present and therefore the 650 mp band should be absent, and 
when the concentration of I+ is large there should be no free iodine. Qualitatively, these 
expectations seem to be correct, but quantitative measurements are difficult because the 
bands are shifted and their intensities altered by overlap with the edges of neighbouring
bands. This concept is supported by the qualitative appearance of the 650 mp band in 
these solutions at high temperatures. On heating, the brown colour changes to a colour 
corresponding to the superposition of violet and blue ; a colour which corresponds very 
closely to that expected for a mixture of uncompiexed iodine and the iodine cation. Rapid 
cooling causes the immediate return of the original brown colour. It is suggested that 
I3+ dissociates into I+ and iodine at high temperatures.
The slow change in the spectrum when the concentration of sulphur trioxide is reduced 
to a value corresponding to less than 100% sulphuric acid (Fig. 1, curve c —► curve d) 
shows that if this theory is correct, I3+ decomposes very slowly. The resulting violet 
solution has a much greater ultraviolet absorption than a pure iodine solution (compare 
curves a and d). This new absorption resembles that of I111 in sulphuric acid (see later) 
and it is accordingly postulated that I3+ decomposes to give I111 and iodine.
In order to check the possibility that the new peak at 300 mp is caused by dissolved 
sulphur dioxide, the spectra of solutions of sulphur dioxide in sulphuric acid and oleum 
were measured. In each case a strong band at 280 mp was observed, the absorption at 
300 mp being small.
Spectra of Solutions in Concentrated Oleums.—The effect of an increase in the concen­
tration of sulphur trioxide on the absorption spectra is presented in Figs. 2 and 3. The 
spectra recorded in Fig. 2 show how the 650 mp band grows at the expense of the 470 mp 
band. The slight shoulder at 400 mp in curve a is probably caused by the 400 mp band 
which appears in concentrated oleum (Fig. 3).
When the brown solution obtained by dissolving iodine in 10% oleum was warmed to 
50° the colour changed to green. It remained green when the solution was cooled (Fig. 2, 
curve a) but reverted to brown after several hours (curve b). If the 650 mp band is caused 
by the iodine cation (and for ease of presentation this assumption will be made in the 
following discussion) then its formation is facilitated by an increase in temperature and, 
in this solvent, the process by which it is destroyed is very slow at room temperature. 
This decomposition is evidently a disproportionation to give I3+ and tervalent iodine.
Fig. 3 represents an attempt to break down the overall spectrum of the blue solutions 
into its component.bands (broken lines). Further increase in the concentration of oleum 
has only a minor effect on this spectrum, and an equilibrium appears to have been reached. 
I t is reasonably certain that the 470 and 300 mp bands are the same as are found in dilute 
oleum and it is accordingly postulated that there is still some residual I3+ in these solutions. 
An approximate estimate based on relative band-heights shows that I3+ comprises about 
10% of the total iodine in the solution.
Identification of the compound responsible for the 400 mp band is impossible at present.
Spectra of Protonated Hypoiodous Acid and of Ter- and Quinque-valent Iodine.— 
Quantitative measurements of these spectra are as yet incomplete, but the following 
qualitative features are relevant. In no instance has any well-defined peak been observed, 
Aqueous solutions of protonated hypoiodous acid were straw-yellow, and the slowly rising 
ultraviolet absorption showed a slight point of inflection in the 310 mp region. Tervalent 
iodine solutions obtained from crystalline yellow iodyl sulphate had identical spectra in 
sulphuric acid and oleum. Absorption begins at about 450 mp, levels out to a plateau 
in the 330 mp region, and rises steeply below 300 mp, thus closely resembling the low- 
wavelength portion of curve d, Fig. 1. Much evidence in favour of the formulation IO+ 
for this yellow Im  species has been advanced.4 Unfortunately the spectrum described 
is so ill defined that it sheds no light on this matter. By analogy with oxygen it was 
thought that the ground state of this ion might be and therefore that it would be para­
magnetic. Magnetic-susceptibility measurements on solid iodyl sulphate and on concen­
trated solutions in sulphuric acid and oleum show that no paramagnetic material is present. 
It must accordingly be concluded either that IO+ is not paramagnetic or that IO+ is not 
present in these compounds. Significant to this discussion is the observation that solid
iodine dioxide is diamagnetic.10 I t has been suggested that this oxide is ionic, having 
the structure I0 +,I03~ : if this is correct then it must be concluded that the iodyl ion IO+ 
is not paramagnetic.
Quinquevalent iodine compounds dissolve in sulphuric acid and oleum to give colourless 
solutions having ultraviolet spectra similar to that of the iodate ion, although the long- 
wavelength edge is nearer the visible region. Since both sulphur dioxide and nitrite ions 
have a pronounced absorption peak in the 300 mp region it was hoped that if the IY 
compound in these solutions were I0 2+ then a similar band would be detected. In the 
absence of such a band no identification of the absorbing species can be made.
Reactivity.—Quinquevalent iodine in sulphuric acid and oleum readily decomposes to 
tervalent iodine and oxygen when heated. In concentrated oleum the I111 compound 
decomposes further and a green solution containing a mixture of I111 and I+ results. 
Iodine and Iv in sulphuric acid react immediately to form I111 at room temperature. 
In contrast, Iv and I+ in oleum do not react at room temperature, but I111 is formed 
slowly when the solution is heated.
When solutions of Im and sulphur sesquioxide in oleum are mixed, sulphur dioxide is 
evolved and the 590 mp band of sulphur sesquioxide is replaced by the 650 mp band 
attributed to the iodine cation ;
IO+ +  S20 3 — >- 1+ +  2S02
This reaction is rapid at room temperature, and should be compared with the conclusions 
drawn by Masson 4i 9 that iodine reduces oleum to sulphur sesquioxide and is itself oxidised 
to the tervalent state.
Addition of potassium hydrogen sulphate to a blue solution does not alter the relative 
heights of the visible bands but there is a marked increase in absorption in the ultraviolet. 
Potassium hydrogen sulphate acts as a base in this solvent, and reacts with sulphur 
trioxide to form KHS20 7 and possibly trimeric or polymeric sulphate. Co-ordination 
of the iodine cation with the resulting negative ions may result in the formation of a 
compound which has a rising ultraviolet absorption, or the formation of such a compound 
may facilitate the production of tervalent iodine :
I+ +  h s 2o 7- [I0 -S 0 2-S 0 4H] —>- IO+ +  S02 +  h s o 4-
Clearly, either of these interpretations would explain the decrease in paramagnetism which 
results when potassium hydrogen sulphate is added.1
Thanks are offered to Dr. D. Schonland for helpful advice.
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475. Solutions of Sulphur in Oleum. JPart I. JSlectron-spin Resonance 
of Solutions of Sulphur in Oleum.
Blue solutions of sulphur in concentrated oleum, although diamagnetic by 
conventional susceptibility measurements, show a strong electron-spin 
resonance absorption and must therefore contain a little of some species 
having unpaired electrons. At 90° k  the absorption curve has a sharp peak 
with a g-value of 2-018 and a shoulder having a g-value of 2-003. Measure­
ments at two different wavelengths show that this asymmetry is due to a 
variation in the g- value and is not a fine or hyperfine structure. On addition 
of aqueous sulphuric acid to the solution this line diminishes in intensity and a 
new line appears having a peak and shoulder with g-values of 2-025 and 
2-032, respectively. It is postulated that this second line is caused by  
polymeric sulphur radicals similar to those present in liquid sulphur.
I r  has been stated 1 that the cause of the colour in blue solutions formed by dissolving 
sulphur or iodine in oleum is sulphur sesquioxide, and this work was undertaken to 
investigate this statement. The postulate that blue iodine solutions contain free iodine 
cations 2 is based largely on the observation that the solutions contain a paramagnetic 
species in large concentration. This paramagnetic species, which was detected by conven-
F ig . 1. Absorption line obtained from 
a solution of sulphur in concentrated F i g . 2 . Absorption line obtained from
n lp-u m  IR S o / Q O  I
tional magnetic-susceptibility measurements, does not give an observable electron- 
resonance absorption at 90° K, presumably because the absorption is too broad at this 
temperature, or because there is a large zero-field splitting of the triplet levels. In 
contrast, blue solutions of sulphur, which are found by susceptibility measurements to 
contain no bulk paramagnetic component,3 have a strong electron-resonance absorption, 
and therefore contain some species with unpaired electrons in such low concentrations 
that it cannot be detected satisfactorily by conventional methods.
By D. J. E. I n g r a m  and M. C. R. S y m o n s .
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{A) Derivative as traced out.
(.Bj Reconstructed absorption with
g-values : a == 2-018, b =  2-003. Magnetic field strengths are quoted in 
gauss centred on the free-spin value.Magnetic field strengths are quoted in gauss centred on the free-spin value.
When these solutions are treated with aqueous sulphuric acid the colour changes from 
blue, via green, to brown, and ultimately sulphur is precipitated. During this process the 
strong resonance absorption characteristic of the blue solution rapidly decreases and loses 
its well-defined peak, and a new, weak absorption line appears at a slightly lower field 
strength. Both bands vanish when sulphur is precipitated.
Typical results obtained from blue and brown solutions are shown in Figs. 1 and 2, 
respectively. In each case (A) represents the derivative of the absorption curve and 
(B) an integrated reconstruction of the actual absorption curve. These curves were 
obtained from solutions at 90° k. When the brown solutions were allowed to warm the 
two bands changed markedly as soon as the glassy solvent became fluid. The shoulders 
of both lines vanished leaving two narrow lines. The brief reference made by Gardner 
and Fraenkel to the detection of two radicals in solutions of sulphur in oleum probably 
relates to these narrow, symmetrical lines.4
E x p e r im e n t a l
Sulphuric acid and oleums were purified* as described earlier,2 and their purity checked by  
spectrophotometric measurements in the 200— 300 mg. range with a Unicam SP500 spectro­
photometer. Oleum strengths were estimated by the “ fog-clear " method described by  
Kunzler.5 Sulphur was purified by the procedure of Bacon and Fanelli.6 Samples for 
measurement in the 3 cm. wavelength spectrometer were placed in thin-walled test tubes 
(3 mm. diam.) and rapidly cooled in liquid oxygen so that a homogeneous glass was formed. 
These tubes were placed directly in the apparatus. Since only small quantities of solution were 
required for measurement in the 1-25 cm. wavelength spectrometer, and since it was necessary 
to avoid attack on the inside of the cavity by sulphur trioxide vapour, the following procedure 
was adopted. A thin mica sheet was stuck to the bottom of the adjustable short-circuiting 
plunger of the cavity, which was then cooled in liquid oxygen. Immediately after removal 
from the liquid oxygen a small drop of oleum solution was placed in the centre of the mica, and 
the cavity plunger rapidly screwed into position in the apparatus. In this way it was possible 
to re-cool before the frozen oleum became fluid.
Apparatus.—A 3-cm. wavelength electron resonance spectroscope was employed for most 
of the measurements, the rectangular H 0l2, resonator being surrounded with an evacuated 
jacket containing liquid oxygen. In order to obtain a high sensitivity, phase-sensitive methods 
of detection were employed,7 a small amplitude 100 kc./sec. field sweep being applied across 
the sample, while the d.c. value of the main magnetic field was slowly swept through the 
resonance value. The output from the phase-sensitive mixer is thus proportional to the deriv­
ative of the absorption line, and it is passed to a pen-recorder via a d.c. amplifier chain. The 
electron resonance spectrum is thus continuously recorded, and two examples of observed 
spectra are shown in Figs. 1A and 2A together with the calculated g-values. The horizontal 
axes of these figures thus correspond to changing value of d.c. magnetic field, while the 
magnitude of the deflection parallel to the vertical axis is equal to the derivative of the 
absorption line at that point. A maximum in this trace therefore corresponds to a point of 
maximum slope on the actual absorption curve, while an intercept with the axis indicates a 
point of inflexion on the absorption line. The actual shape of the resonance absorption can 
therefore be deduced from the derivatives, and such are reconstructed in Figs. IB  and 2B. 
Fig. 1 is for solutions containing a high concentration of S 0 3 (65%), while Fig. 2 is for a solution 
containing the same amount of sulphur (ca. OTm) but less S 0 3 (20%).
The determination of the resonance field strengths and g-values (for definition see ref. 8) 
was effected by affixing a small amount of free-radical marker, aa-diphenyl-(3-picrylhydrazyl, 
to  the specimen tube and observing the superimposed spectra. The sharp peak was found to 
fall on the high-field edge of the main absorption line as indicated in Fig. IB. The g-values 
corresponding to the other peaks could then be calculated directly from the measured field 
increments.
Some measurements were also made at 1-25 cm. wavelengths at liquid-air temperatures, by  
use of a standard H l t l  low-temperature cavity .8 These were performed to check whether the 
asymmetry of the line shape was due to an anisotropic g-value or a zero-field electronic 
splitting of triplet state levels. The former would give a line width which increased with
in c r e a s in g  f r e q u e n c y  o f  o b s e r v a t io n ,  w h e r e a s  t h e  l in e  w i d t h  w o u ld  r e m a in  c o n s t a n t  i f  d u e  t o  t h e  
l a t t e r  e f f e c t .  I n  f a c t  i t  w a s  f o u n d  t h a t  a  l a r g e  in c r e a s e  in  w i d t h  w a s  o b t a in e d  a t  t h e  h ig h e r  
f r e q u e n c ie s ,  i n d ic a t in g  t h a t  t h e  s h a p e  o f  t h e  m a in  a b s o r p t io n  c u r v e  i s  d u e  t o  a n  a n is o t r o p ic  
g - v a lu e .  U n f o r t u n a t e l y  t h i s  t e s t  c o u ld  n o t  b e  a p p l ie d  t o  t h e  s e c o n d  b a n d  b e c a u s e  t h e  m e t h o d s  
u s e d  f o r  d e t e c t i o n  w e r e  l e s s  s e n s i t i v e  a n d  t h e  s h o u ld e r  w a s  n o t  o b s e r v a b le  w i t h  1 -2 5  c m .  
r a d ia t io n .  H o w e v e r  t h e  f a c t  t h a t  b o t h  b a n d s  c h a n g e d  t o  s in g le  n a r r o w  l in e s  w h e n  t h e  g la s s  
s o f t e n e d  s u g g e s t s  t h a t  t h i s  a s y m m e t r y  i s  a ls o  d u e  t o  v a r ia t io n  o f  t h e  g-v a lu e ,  s in c e  t h i s  e f f e c t  i s  
c h a r a c t e r i s t i c  o f  a n is o t r o p ic  t r a n s i t i o n s  w h e n  t h e  m e d iu m  c h a n g e s  f r o m  b e in g  r ig id  t o  f lu id .9
D is c u s s io n
Since one absorption band increases when the other decreases they must be caused by 
two different radicals and cannot be two transitions of a single species with two unpaired 
electrons. Gardner and Fraenkel4 have not observed a g-value variation for any of the 
sulphur radicals studied and they state that anisotropic contributions are unlikely : their 
failure to observe it in oleum solutions may be because they used fluid solutions.
The high g-value of about 2-02 shows that spin-orbit coupling must be appreciable, 
and, as suggested by Gardner and Fraenkel, may be characteristic of free radicals in 
which the odd electron is located primarily on sulphur.
These radicals form only a very small component of solutions whose bulk composition 
is uncertain, and therefore precise identification is impossible. However, the second line 
appears just before the solid sulphur separates, and since the polymeric radicals present in 
liquid sulphur have a g-value of 2-024,4 it is suggested that this same radical may be formed 
as a precursor to the formation of solid sulphur.
The distinction between the sulphur and iodine solutions is clear, the former having no 
major paramagnetic content but one or two radical species in small concentration readily 
detectable by their electron-resonance absorption, the latter containing large con­
centrations of a paramagnetic species which, however, is not detectable by electron 
resonance techniques at 90° k.
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476. Solutions of Sulphur in Oleum. Part IIS ' Visible and 
Ultraviolet Absorption Spectra.
By M. C. R. Sym ons.
Spectra of freshly prepared, blue solutions of sulphur in concentrated 
oleum show absorption bands with maxima at 590 and 335 mp, but on 
storage the latter slowly increases in intensity at the expense of the former.
At ~ 50° this effect is reversed. A reversible equilibrium between monomeric 
and polymeric sulphur sesquioxide is postulated to explain these changes, 
high temperature favouring the monomer. Corresponding changes in 
magnetic susceptibility show that, after warming, there is a marked increase 
in the concentration of some paramagnetic species, and the nature of this 
species is discussed.
W hilst the green-blue solid which is precipitated when sulphur trioxide and sulphur 
interact has been studied extensively 1-4 and shown to be sulphur sesquioxide with the 
empirical formula S20 3, little attention has been paid to the deep blue, homogeneous 
solutions formed when sulphur or the sesquioxide is dissolved in concentrated oleum. 
Partington and Vogel1 established that these solutions, in contrast with the green or brown 
solutions obtained when the concentration of sulphur trioxide is small, are not colloidal, 
and naturally assumed that they are simply solutions of the sesquioxide; they state that 
the solutions are very unstable.
The colour of the sesquioxide is always described as green-blue, although Wohler and 
Wegwitz 2 found that when excess of sulphur trioxide was removed, the residual solid was 
brown. In contrast, the solutions are deep blue owing, as can be seen from curve a in 
Fig. 1, to a band at 590 mp. Since these solutions contain an unidentified paramagnetic 
substance 5 in low concentration their electronic absorption spectra and magnetic sus­
ceptibilities have been studied. Although the concentration of paramagnetic material 
is too small for conclusive detection by the Gouy technique because of unascertainable 
diamagnetic corrections, the results reported in Part I 5 show that in concentrated 
solutions it should contribute a pull of several milligrams to the overall change in 
weight and hence any change in concentration of the paramagnetic species, unaccom­
panied by large changes in the bulk composition of the solution, should be readify 
detectable.
The results are summarised in Figs. 1 and 2. Two spectral effects may be distinguished; 
treating a blue solution with sulphuric acid so that the concentration of sulphur trioxide 
is lowered, changes the colour from blue to brown, and later sulphur is precipitated. 
Vogel and Partington 1 established that the brown solutions are colloidal, and the spectrum 
(curve c) is characteristic of such a solution. Also, the spectra of fresh solutions (curve a) 
containing a large concentration of sulphur trioxide change with time, the intensity of the 
peak at 590 mp slowly decreasing, with a corresponding increase in that of the 335 mp 
band, until after several days (curve b) dilute solutions appear colourless. If the solution 
is then warmed to about 50°, an intense blue colour slowly develops and is retained on 
cooling. The spectrum of the resulting solution is similar to that of the original solution
* Part I, preceding paper.
(curve a), and again changes with time in an identical manner. With care, very little 
sulphur dioxide is evolved during this cycle, and a colourless solution, kept at room tem­
perature for many weeks, still assumes an intense blue colour on warming. However, 
overheating causes vigorous evolution of sulphur dioxide and total loss of both bands 
(curve d).
Magnetic-susceptibility measurements showed an apparent increase in the overall 
diamagnetism of the solutions corresponding with the decay in the 590 mp peak (Fig. 2). 
Since the susceptibility of the aged solutions was nearly the same as that of the pure solvent
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F ig . 2. Effect of heat on the magnetic susceptibility of a 
solution of sulphur in oleum (65%). [A IF is the 
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as soon as possible after warming.
F ig . 1. Absorption spectra of solutions 
of sulphur in oleum.
a, Freshly prepared solution in concen­
trated oleum (65%). b, Same solution 
after 24  hours, d, Same solution after 
prolonged heating, c, Solution of sul­
phur in dilute oleum (10%).
F ig . 3. Absorption spectra of various 
oleums and of sulphur dioxide in sul­
phuric acid.
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a, Sulphur dioxide in sulphuric acid 
(98-4%). b, 34% Oleum, c, 40% 
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. and of the residual solvent after total decomposition of the solute by heat, it is concluded 
that the decrease in diamagnetism found immediately after the restoration of the blue 
colour is caused by the presence of a paramagnetic substance.
The simplest inference is that the blue compound is paramagnetic. A rough estim­
ation of the radical concentration shows that, on this assumption, the extinction coefficient 
at 590 mg lies between 103 and 104, showing that the transition is a permitted one. I t is 
equally reasonable to postulate that the concentration of the paramagnetic species is 
directly dependent upon the concentration of the blue compound, or even that they are
produced by two completely separate processes when the solution is heated. There is 
insufficient evidence available for an unequivocal conclusion, but certain alternative 
interpretations seem sufficiently well founded to warrant discussion.
D is c u s s io n
It has been concluded that two distinct radical species may occur in solutions of sulphur 
in oleum, one being favoured by high and the other by low concentrations of sulphur 
trioxide.5 These two radicals will be considered in turn. When the oleum is dilute the 
solutions are colloidal,1 and precipitation of the sulphur is probably prevented because the 
solvent is able to protonate S* molecules. If protonation can occur it is possible that 
polymeric diradicals, such as are thought to be present in liquid sulphur,6 will be stabilised 
by protonation near the ends of the molecules, since repulsive effects would then inhibit 
cyclisation. These diradicals will behave essentially as two separate radicals since con­
jugation through the sulphur chain would be impossible provided there are more than 
three atoms in the chain. However, the unpaired electron will not be localised entirely 
on the end sulphur atom and may be in part on the second or even the third sulphur atom. 
Thus the structure resembles in some ways the superoxide or ozonide systems, 7 and the 
observation of an ill-defined variation 5 in the g-value is in agreement with this postulate. 
(The g-value is a measure of the rate of divergence of the electronic levels with magnetic 
field, and a spread in the electron resonance absorption curve caused by magnetic aniso­
tropy is known as a g-value variation.)
These radicals are destroyed when sulphur trioxide is added, but a new one is formed 
in very much greater concentration.. This time, the g-value variation is very well defined 
and spread over a considerable range. There can be little doubt therefore that the radical 
is axially symmetrical.8 Certain possibilities arise. In several, the radical considered 
has two unpaired electrons, and it has already been stressed 5 that such species are some­
what less probable than radicals possessing only one electron or in which one is effectively 
insulated from the other, since only one transition is observed.
Perhaps the simplest postulate is that monomeric sulphur sesquioxide is both blue and 
paramagnetic, and that this slowly disappears by polymerisation at room temperature. 
It has been postulated9 that S20 3 should be diamagnetic, in contrast to S04, since the 
three-fold degeneracy of the highest-energy orbital of sulphate is lifted when one oxygen 
atom is replaced by sulphur. This argument was based on calculations made by Helm- 
holz, Brennan, and Wolfsberg 10 relating to the electronic structure of the fluorochromate 
ion. They concluded that the three-fold degenerate orbital of the chromate ion (designated 
as is split when the symmetry is reduced by the introduction of fluorine or chlorine to 
a doubly degenerate level of symmetry e and a non-degenerate level a2. Since the a2 level 
is found to lie above the e level, the compound formed by loss of two electrons from this 
ion would be diamagnetic. However, extrapolation from this case to sulphur sesquioxide 
is not short and it is conceivable that these levels are inverted, the doubly degenerate level 
tying below the non-degenerate level in the S20 3 molecule. This would mean that there 
are two unpaired electrons in S20 3, which could therefore possibly be the paramagnetic 
species in question. This radical has axial symmetry as required by the electron-resonance 
spectrum.
It has been reported that the monomeric compound S04 is colourless in solution.11 
This is in accord with the scheme proposed by Wolfsberg and Helmholz 12 for the per­
chlorate ion, since the first permitted electronic transition of an ion formed by the loss of 
two electrons would be (^ 4)4 — (ty3(3%) which would be of great energy. However 
in the S20 3 molecule, transition between the e and the a2 level would be allowed, and hence 
there should be an intense absorption band of relatively low energy. This is in accord with 
the postulate that the band at 590 mg is caused by monomeric sulphur sesquioxide and 
that the molar extinction coefficient is between 103 and 104.
If this concept is correct, the slow decrease in colour and paramagnetism could be
-s—s—o —s—s—o —
interpreted as a polymerisation process xS20 3— ►- (S20 3).r. The new band at 335 ni(x 
would then be ascribed to the polymer, which probably has the symmetrical “ head to 
tail ” structure (A) analogous to that of polymeric sulphur trioxide. Evidence for this
structure is provided by Appel’s work.3 Each unit within 
the polymer is structurally analogous to a disubstituted 
(A) sulphate ion. Thus the situation resembles that discussed 
by Helmholz et al.,10 and the fac t13 that the first electronic 
transition for sulphonyl chloride is at 303 m;j. is in accord 
with this picture. At high concentrations the edge of the 335 m;j. band would extend into 
the visible region, causing the polymer to appear yellow or brown. However, surface 
decomposition caused by moisture would involve the formation of monomer as in 
solution, and hence the solid might appear green.
Recently Brayford and W y att14 concluded, on the basis of cryoscopic measurements, 
that sulphur dissolved in oleum (45%) is present largely as sulphur sesquioxide. They 
observed a slow increase in the measured f-factor before a constant value was obtained, 
and attributed this to either the slow dissolution of sulphur or a slow conversion of colloidal 
sulphur into the sesquioxide. If either interpretation is correct the phenomenon is not 
related to the changes described here. Brayford and Wyatt state that the sulphur ses­
quioxide may not be entirely monomeric.
A consideration of the nature of the end groups in such a polymer leads to an alternative 
theory. In polymeric sulphur trioxide the end groups are almost certainly H and OH, and 
the polymerisation, which is catalysed by traces of water,15 must be ionic in type. 
However, polymeric sulphur appears to be formed by a radical process, the ends of each 
molecule being neutral radicals. Since polymeric sulphur sesquioxide is half-way between 
these extremes either type of polymer seems reasonable. By analogy with sulphur
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trioxide one could formulate the polymer as (B) or, by analogy with sulphur, as (C) or (D). 
There are at least four alternative end groups for such polymeric radicals, each of which 
would be expected to have a characteristic electron-resonance absorption spectrum. It 
is conceivable that two radical structures are more stable than the remainder, and that 
their structural similarities are such that the electron-spin resonance spectra merge to 
give the curve recorded in Part I .5
Two further possibilities exist, namely, that the paramagnetic species is monomeric 
sulphur monoxide or the diradical HS+. Both have axial symmetry and probably two 
unpaired electrons. Evidence that sulphur monoxide is one of the decomposition products 
of solid sulphur sesquioxide has been presented by Murthy.4 Both monomer and dimer 
have absorption maxima in the 320 nifx region but no transition in the visible region. 
It is conceivable therefore that the band at 335 mfx is caused by sulphur monoxide, but in 
that case, since the paramagnetism decreases as this band increases, the monoxide would 
have to be present in the dimeric form.16
The formation of the radical HS+ is postulated because of the similarities between this 
system and that of iodine in oleum.9 The iodine cation, thought to be present in the 
latter solution, could react with sulphur trioxide to form IS03+.9 The analogous equili­
brium S20 3 w S03 -j- S is far less probable, not only because iodine cations are intrinsic­
ally more probable than free sulphur atoms, but also because the former will be stabilised 
by solvation, whilst sulphur atoms would immediately combine to form solid sulphur. 
However, if the sesquioxide were capable of accepting a proton to form HS20 3+, then this 
might reversibly dissociate to form HS+ in very low concentration, The main objection
to this theory is that interaction between the unpaired electrons and the proton would be 
expected and should manifest itself as a splitting of the magnetic resonance line into a 
doublet which has not been detected.
E x p e r im e n t a l
Materials were purified, and solutions prepared as described in Part I .5 Because of the 
difficulties involved in the preparation of pure sulphur the following alternative procedure was 
used in addition to that already described. “ AnalaR ” sodium thiosulphate was dissolved 
in concentrated sulphuric acid. The resulting suspension was warmed to expel sulphur dioxide, 
and sulphur trioxide was added as required. The results were identical with those obtained 
from solutions prepared from the element.
Spectroscopic measurements were made with a Unicam S .P .600 glass spectrophotometer, 
and a Unicam S.P.500 quartz spectrophotometer. Calibrated quartz cells of 1 mm. and 1 cm. 
thickness were used, the latter equipped with stoppers. The 1 mm. cells were not covered 
since absorption of small amounts of water on the surface of the solution resulted in the formation 
of an upper layer which effectively sealed the solution from the atmosphere. The spectra 
recorded in Figs. 1 and 2 were measured against pure solvent as a control material. Measure­
ments were usually made down to 220 mjx and in every case a pronounced peak at 280 mp was 
found. This was almost certainly caused by dissolved sulphur dioxide, which is fairly soluble 
in sulphuric acid. The spectrum of a solution of sulphur dioxide in sulphuric acid is recorded 
in Fig. 3, curve a.
Also recorded in Fig. 3 are the absorption spectra for oleums of various strengths measured 
against pure sulphuric acid as control material. B y comparison with the spectrum for sulphur 
trioxide in the gaseous state 17 it may be seen that the concentration of free sulphur trioxide 
must be very small indeed in dilute oleum ,18 but that as the percentage of sulphur trioxide is 
increased the absorption at low wavelengths increases very rapidly, as does the vapour pressure 
of the solutions; 19 and it seems probable that this increased absorption is caused by free 
sulphur trioxide.14
Magnetic measurements were made with a conventional Gouy balance at room temperature, 
as described earlier.9 The results are recorded in Fig. 2.
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Paramagnetic resonance absorption spectra obtained from solid solutions of hydrogen 
peroxide in a variety of readily oxidizable solvents after irradiation with ultra-violet 
light often possess hyperfine splitting which can best be explained if it is postulated that 
the trapped radicals have been formed by the abstraction of hydrogen from the solvent 
molecules. In particular, seven symmetrical lines obtained with solvent /.wpropanol 
are shown to arise from the interaction of six equivalent hydrogen nuclei with the un­
paired electron. This can only happen if the radical is formed by the abstraction of the 
a-hydrogen atom of Lopropanol. Other solvents used include methanol, ethanol, ethylene 
glycol, propylene glycol, glycerol and diethyl ether.
Free radicals formed by X -1, y-ray2 and neutron bombardment3 have 
been extensively studied by electron-resonance techniques. In most cases well- 
defined hyperfine splitting resulting from interaction with hydrogen nuclei is ob­
served and many different radicals have been postulated in attempts to account 
for the spectra obtained. The disadvantage of these high-energy techniques is 
that often a wide variety of postulates appear to account satisfactorily for the 
observed spectra. The method described here is a more delicate one and the chance 
of specific attack far greater; furthermore, knowledge of the chemical reactivity 
of the solvent molecules may be invoked in support. of any postulated reaction.
Lewis and Lipkin 4 showed That it was possible to trap reactive particles in a 
transparent rigid medium after photolysis of certain stable compounds. This 
work was recently extended by Norman and Porter 5 who concluded that any 
molecule which photodissociates under fluid conditions will give rise to trapped 
primary products when irradiated in a rigid glass. However, Sowden and 
Davidson,6 found that quantum yields for photolyses in rigid glasses are often 
vanishingly small, and in many cases failed to detect any decomposition after 
prolonged irradiation.
A preliminary survey of a variety of photochemically active compounds dis­
solved in solvents which form clear glasses at 77° K supports Sowden and 
Davidson’s conclusions that quantum yields are often vanishingly small and in 
several cases no resonance absorption has been observed after prolonged and 
intensive irradiation with ultra-violet light o f sufficient energy to decompose the 
substrates rapidly in a fluid medium. However, although little success has been 
met with in attempts to realize the phenomenon of simply trapping the primary 
photolysis products at 90° K, it has been found that when the radicals first formed 
are capable, of reacting with the surrounding solvent molecules, high concentra­
tions of solvent radicals may be accumulated. In particular, hydrogen peroxide 
has proved to be a useful source of active radicals when used in conjunction with 
either 3650 A or 2537 A light, and a wide variety of solvent molecules are attacked. 
The resulting radicals usually show a well-defined hyperfine structure and. are 
often strongly coloured.7 These hyperfine patterns are complex but can usually 
be interpreted in terms of the atoms included in the molecular orbital of the 
unpaired electron.
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EXPERIM ENTAL
M a te r ia ls .—Hydrogen peroxide (90 %) was kindly supplied by Laporte Chemicals 
Ltd., and was free from stabilizers. Water was distilled from alkaline permanganate and 
other solvents were either a .r . or purified by accepted methods. •
S o l u t io n s .— Except for -water +  hydrogen peroxide solutions, which contained about 
50 % hydrogen peroxide in "order to obtain a satisfactory glass, all solutions were between 
10-1 and 10-2 M in hydrogen peroxide. If on cooling, a clear glass could be obtained 
which did not crack too badly, the pure solvent could be used. If, however, crystalliza­
tion or bad cracking occurred, then, in most cases, the addition of varied quantities of 
water resulted in satisfactory glass-formation. With diethyl ether it was necessary to 
add phosphoric acid in order to obtain a glass. These solutions were then placed in 
thin-walled quartz tubes of 7 mm ext. diam. and 4 cm length. When irradiated with 
3650 A light the tubes were held immersed under liquid oxygen at the bottom of a 2-1. 
dewar, silvered except for a thin slit down one side. The light from a 250 W medium 
pressure mercury arc was focussed on to the tube by a 10-in. diam. aluminised mirror. 
Irradiation times of up to 20 h were used and the samples were then stored under liquid 
oxygen until inserted in the cavity resonator.
Irradiation at 2537 A wavelength was effected by employing a low pressure 150W 
mercury arc with the discharge in the shape of a finger 8 cm long and 1 cm diameter. 
This was jacketed by an evacuated quartz envelope and then immersed in liquid nitrogen 
while twelve of the quartz sample tubes, attached to long glass rods, were also held under 
the liquid nitrogen close to the outside of the evacuated quartz jacket. The twelve tubes 
were then irradiated continuously for about 16 h, the liquid nitrogen level being kept 
well above the specimens throughout this period. It was also possible to rotate the tubes 
in situ so that uniform irradiation of the whole surface was obtained..
It was found, however, that photolysis of all the solutions containing hydrogen per­
oxide could be readily produced by irradiation with 3650 A and so most of the experiments 
were performed under these conditions.
A rectangular cavity operating in the 77oi8 rnode was used when studying these specimens 
in the 3 cm wavelength spectroscope, the cavity being surrounded by a vacuum jacket 
and cooled with liquid oxygen or nitrogen. Phase-sensitive methods of detection were 
employed, a small amplitude 100 kc/s magnetic field modulation of up to about 4 gauss 
being slowly swept through the resonance value. The output from the crystal was then 
mixed with a 100 kc/s reference signal after narrow band amplification, and the de­
modulated signal, corresponding to the derivative of the absorption line' was traced out 
by a pen recorder after suitable d.c. amplification. Typical traces obtained with this 
spectrometer are shown in fig. 1-3 and it is to be noted that the horizontal axis corresponds 
to changing magnetic field while the magnitude of the vertical displacement is proportional 
to the slope of the absorption line at the given field value.
Some measurements were also made with the 1-25 cm wavelength resonance spectro­
scope in order to check whether observed asymmetries and splittings were due to energy 
level splittings or ^-value variations. In this case the solutions were contained in quartz 
tubes of 2 mm diam., which were inserted axially down the centre of a standard Han 
cylindrical low temperature resonator.8 Simple crystal-video detection and oscilloscope 
display were employed in this case, and as a result of this, and the poorer field homo­
geneity, the observed signal-to-noise was not as high as in the 3 cm wavelength spectro­
scope. The few results obtained, however, confirm the inference drawn from symmetry 
that the splittings were independent of the measuring frequency, and therefore due to 
hyperfine interaction.
RESULTS AND DISCUSSION
As yet, no unambiguous evidence for the presence of trapped hydroxyl radicals 
as such has been obtained. Many of the spectra reported are unsymmetrical 
and are probably caused by two or more different radicals, one of which might be 
free hydroxyl. The spectrum showing least evidence of complex hyperfine 
splitting and therefore probably most likely to be caused by hydroxyl radicals 
is that obtained from ethanol solutions. However, a search for the character­
istic ultra-violet absorption of this radical has shown that it can only form a small 
percentage of the total radical concentration, if it is present at all7
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On the basis that the primary act of light absorption in hydrogen peroxide 
results in the formation of hydroxyl radicals, it might be expected that irradiation 
of a water +  hydrogen peroxide glass could only lead to the trapping of these 
radicals. As previously reported 9 irradiation' with 2537 A light of glasses con­
taining about 50 % hydrogen peroxide results, after prolonged irradiation, in the 
appearance of a single broad line, but this cannot be‘attributed unambiguously 
to hydroxyl since our results show that hydroxyl radicals can readily attack a 
reactive solvent, and hence would probably abstract hydrogen from a neighbouring 
hydrogen peroxide molecule leaving HO2. Both these radicals if free of solvent 
interaction would probably give rise to lines showing some g-value variation and 
doublet hyperfine splitting. However, when part of a rigid hydrogen-bonded 
system, interaction of the unpaired electron with other hydrogen nuclei would 
effect an added broadening, and thus it is not surprising that only a single broad 
line is observed.
Before considering the results from different solutions in detail, the general 
features of the hyperfine interaction will be discussed. To a first approximation, 
two types of interaction with hydrogen nuclei may be distinguished. The first 
and most important form of interaction occurs whenever it is possible for the 
magnetic electron to pass into a Is or 2s orbital of a proton, or admix with it by 
configurational interaction. Strong interaction is then expected because of the 
high electron density of s wave functions at the nucleus. The two quantized 
directions of the spin of this proton produce two different additional fields at the 
electron and hence the absorption line is split into a doublet. The separation of 
this doublet would be 500 gauss if the electron spent all its time in the Is orbital 
of the proton, and becomes correspondingly smaller as the interaction of the elec­
tron with the proton decreases. If the orbital includes n equally coupled protons, 
(n +  1) different field increments are produced by various combinations of spins, 
so that (n +  1) hyperfine peaks with Gaussian distribution of intensities are ob­
tained. In radicals formed from saturated molecules only a and /3 hydrogens 
will interact. The a hydrogen interaction may possibly be through the movement
of the electron into a 2s level whilst the /3 interaction may be pictured as resulting
•  •
from hyperconjugation, whereby structures such as HCR2—CR2 and HCR2=CR2 
contribute.
The second type of hyperfine interaction may occur when the unpaired electron 
is localized on one atom, for a high percentage of the time. Any nuclear moment 
at close proximity to the electron spin can then interact with it by a normal dipole- 
dipole process, thus producing a splitting with a (3 cos2# — 1) angular variation. 
In any amorphous or similar medium only a summation of all possible orientations 
is obtained. The resulting absorption curves for different numbers of interacting 
nuclei have been derived in detail by Andrew and Bersohn 10 for the similar inter­
action in nuclear resonance. For interaction with one proton the absorption curve 
appears as an ill-resolved doublet extending to two shoulders on either side. The 
separation of the central peaks will be given approximately by AH = 28/(r3)av, 
where r is the distance in A of the electron from the hydrogen nucleus. If a random 
distribution of protons occur close to the unpaired spin, this interaction will, 
of course, degenerate into simple “ spin-spin ” broadening. For any resolved 
structure to be caused by this form of interaction it is therefore necessary for the 
interacting proton to be held at the same distance from the unpaired spin in each 
radical, much closer than any other, and for the medium to remain rigid at the 
temperature of investigation so that no motional narrowing occurs. For the 
particular case of an unpaired electron on carbon this form of interaction will 
probably be of importance only for hydrogen atoms directly attached to the carbon 
atom (a hydrogens), unless for some steric reasons another hydrogen is held close 
to the carbon atom concerned.
The detailed results obtained for each solution investigated are now considered 
in turn.
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Fig. 1 (a) shows the experimentally obtained first derivative of the absorption 
curve, and 1(6) the true curve derived by graphical integration. The expected 
Gaussian distribution of lines from six equivalent protons is shown in 1(c). By 
comparison with fig. 2 and 3 it can be 
seen that this signal is the best resolved 
and most symmetrical of all. There can 
be little doubt that the seven lines are 
produced by the interaction of six equiva­
lent hydrogens. It is therefore concluded
that the trapped radical is (CH^^C—OH, 
and contributions, from other radicals 
must be very small. This unequivocal 
identification leads to two conclusions, 
namely, that the radical is almost certainly 
planar, and that interaction of the un­
paired electron with hydroxyl hydrogen 
is small. . Any interaction with oxygen 
would be through the non-bonding 
electrons rather than the O—H bonding 
electrons, but if the electron were trans­
ferred to oxygen for any length of time 
dipolar interaction from the hydroxyl 
hydrogen would be expected. This seems 
to provide good physical evidence for 
the much-discussed theory of hypercon­
jugation.11 On the assumption that inter­
action occurs through structures such as (C) 1 1 1  1 ______
HCH2=COH 
(1) I then, since the extreme
CH- ^' - ' r U  IO O  q o u ss
splitting is 120 gauss and since, if the F[c , ._ Electron resonanc6 after photo.
unpaired electron were located entirely in lysis of hydrogen peroxide in isopropanol.
a U orbital on hydrogen the splitting .
would be 500 gauss, one can conclude that ^  envative as recor e , 
structures such as (1) contribute about reconstruction of absorption curve;
24 % to the total, or that any one such (c) theoretical peak heights,
structure represents about 4 % of the total.
Unfortunately in no other case can an unambiguous interpretation be made 
and often there are clear indications of the presence of more than one radical. 
The results shown in fig. 2 and 3 are now discussed briefly.
METHANOL
The triplet shown in fig. 2(a) is poorly resolved, the peak height ratio being 
approximately 2:1. The simplest explanation is that the radical ‘C ^O H  is 
formed preferentially, and there is considerable chemical evidence in favour of this 
postulate.12 However, the triplet could be built up by superimposition of a singlet 
on a doublet, the two effective radicals being CH3O  and *OH.
ETHANOL
The spectrum obtained from a firm ethanol glass appeared initially to be a 
single asymmetrically broadened line superimposed upon an ill-defined triplet 
or quintet. However, this changed with time, and after storage for 24 h at 90° K 
only the single central line could be detected. Many attempts have, been made
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to improve this spectrum but resolution was always very poor. In order to 
increase the rigidity of the glass a trace of phosphoric acid was added. This 
had the desired effect of preventing the slow change previously observed, but
»
F ig . 2 .— E lec tro n  r e so n a n ce  a fter  p h o to ly s is  
o f  h y d ro g en  p er o x id e  in  a lc o h o lic  s o lv e n t s ; 
irrad iated  fo r  a b o u t 6 h  w ith  3650  A lig h t.
(a) M eth a n o l (50  % ), w ater  (50  % );
( b)  e th a n o l (90  %), p h o sp h o r ic  ac id  (10  %) ;
(c)  /i-p r o p a n o l (100  %) ;
(d) ally] a lc o h o l (1 0 0  %) ;
( e) c y c lo h e x a n o l (1 0 0  %).
(c)
^  »*.
IO O  qauss
F ig . 3 .— E lec tro n  reso n a n ce  a fter  p h o to ­
ly s is  o f  h y d ro g e n  p e ro x id e  in  p o ly h y d r ic , 
a lc o h o ls  an d  in  d ie th y l e th e r ;  irrad iated  
fo r  a b o u t 6 h  w ith  3 6 5 0  A lig h t.
(a )  E th y len e  g ly c o l (5 0  %) ; w a ter  (50  % );
( b) p r o p y len e  g ly c o l (50  % ), w a ter  (50  % ); 
{c )  g ly cero l (50  %), w a ter  (5 0  % );
(d )  d ie th y l e th er  (5 0  % ), p h o sp h o r ic  acid  
(5 0  %).
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unfortunately also induced a marked change in the spectrum (fig. 2(b)). It would 
thus appear that the radical species formed in this case had a structure which is 
very sensitive to the precise nature of the glass matrix. Probably hydrogen- 
bonding plays a major part in determining the geometry of the trapped radical,
which, if it is CH3CHOH, differs from the two considered already in being un- 
symmetrical. At present, the results are not sufficiently clear cut to warrant 
detailed interpretation. ‘
77-PROPANOL
The spectrum in this case is far better defined than that obtained for ethanol, ' . 
possibly because distortion due to hydrogen-bonding is much less. It appears 
to be a single line with broadening on the low-field side superimposed on a sym­
metrical quartet derived from interaction with three equal hydrogens. Probably 
two radicals are present, and it is postulated that the single line and the quartet
are caused by the radicals CH3CH2CH2O  and CH3CH2CHOH respectively. 
The spacing of 23 ± 4  gauss between adjacent lines means that the electron must 
spend a greater length of time (ca. 6 %) on either of the /3-hydrogens than it does 
on any one /3-hydrogen in the Aopropanol radical. The contribution from the
a-hydrogen is very similar to that of the two a-hydrogens in the CH2OH radical.
ALLYL ALCOHOL
The fairly well-resolved symmetrical quartet obtained by integration of the 
derivative shown (fig. 2(d)) can only have come from a single radical possessing 
those hydrogens interacting nearly equally. Abstraction of an a-hydrogen would 
give a resonance-stabilized radical which can be represented by the two extreme
forms CPI2=CHCHOH and CH2CH==CHOH. It seems possible therefore 
that the unpaired electron may interact strongly with the a- and y-hydrogens but 
only weakly with the /3-hydrogen. The overall splitting of only 30 gauss is smaller 
than for any other radical we have studied, and seems to confirm the postulate 
that a delocalized electron is being studied.
On the other hand, Milas, Kurz and Anslow 13 have shown that hydrogen 
peroxide will add to allyl alcohol when irradiated with ultra-violet light, to give 
glycerol. If hydroxyl radical addition occurred to give the radical
CH2CH(OH)CH2OH
only, and if a- and /8-hydrogen interactions were similar a quartet would result. 
This would not explain the small splitting, and the former postulate seems more 
probable.
CYCLOHEXANOL
By analogy with Aopropanol, it was expected that the a-hydrogen would be 
removed, and that interaction with the four equivalent /3-hydrogens would give 
rise to a quintet. In fact, an unsymmetrical sextet was obtained (fig. 2(e)). Exam­
ination of a model of the postulated radical shows that for certain ring conform­
ations one of the two para-hydrogens lies close in to the unsaturated carbon and 
might cause a further splitting. An alternative explanation is that there are two 
radicals, one giving a single line and the other a quintet, with the single line being 
displaced slightly to the high-field side of the centre of the quintet. As for 77- 
propanol the two radicals would probably be formed by removal of the hydroxyl 
hydrogen and the a-hydrogen respectively.
GLYCOLS
It is remarkable that the spectrum obtained from propylene glycol is far more 
complex and better resolved than that from ethylene glycol. We infer from this
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that the tertiary hydrogen is specifically removed in the former to give the radical 
HOC—CH2OH
| . If all the /3-hydrogens contributed equally, a symmetrical
CH3
• sextet should be obtained: in fact a poorly resolved sextet was obtained (fig. 3(d)). 
The spectrum for ethylene glycol is so poorly resolved that it provides no con­
clusive evidence about the nature of the radical.
The broad single lines observed when glycerol, diethyl ether (together with 
phosphoric acid) and aqueous potassium hydroxide were the solvents, provide little 
information about the nature of the absorbing radicals. On one occasion (fig. 
3(c)), a definite shoulder appeared on the low-field side of the glycerol spectrum, 
but this feature was not reproducible and is insufficient to provide any information 
about the radicals present.
' CONCLUSIONS
In all cases studied the large absorptions obtained vanished together with 
the colour as soon as the glassy solvent softened. There can therefore be no doubt 
that highly reactive free radicals are present in relatively high concentration. 
Again, the evidence derived from the hyperfine interactions recorded points 
strongly to the conclusion that whenever there is a secondary alcoholic group 
present, the a-hydrogen is preferentially attacked. Even at room temperature, 
free radical attack on aliphatic hydrogen is often remarkably selective, tertiary 
hydrogen being preferentially attacked despite the great preponderance of primary 
and secondary hydrogens. 14>15 It is hoped that further studies with hydrogen 
peroxide dissolved in a variety of solvents may shed more light on these problems.
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A SIMPLE ADAPTOR FOR THE DETERMINATION 
OF SPECTRA AT LOW TEMPERATURES
by M. C. R. Symons and M. G. T ownsend 
(Department of Chemistry, The University, Southampton)
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1
A variety of methods have been 
described recently for adapting conven­
tional spectrophotometers for measure­
ments at low temperatures. The 
adaptor to be described differs from 
most in that it is very readily and 
cheaply constructed, does not require 
continuous evacuation, and the tem­
perature of the sample may be held, 
constant within about one degree over 
a very wide range and may be varied 
within this range simply by adjusting a 
rheostat.
This method was developed to 
facilitate the study of low temperature 
glasses and the cells were constructed in 
such a way that breakage due to crack­
ing of the frozen solutions did not 
occur. These cells consist of two fused 
silica plates recessed into the bottom 
of a long perspex rod and enclosing an 
oval hole cut in the rod (Fig. 1).
The top of this rod was inserted into 
a specially designed cell housing 
attached to a Unicam SP.500 Spectro­
photometer. The cell was immersed in 
liquid oxygen contained in a dewar 
flask which was pressed against a 
sponge pad fixed to the bottom of the
P h o t o  ! c e l  I
cell housing. A heating coil, also 
immersed in the dewar flask, was then 
switched on and the cold oxygen gas 
constrained to pass up into the cell 
housing via a series of baffles. To 
prevent frosting, dry gas was passed 
through the housing via a tap in the
S i li ca
w i n d o w s
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top of the container which was closed 
as soon as the heater was switched on.
The cell housing itself was con­
structed entirely of i  in. perspex sheet 
and is illustrated in Figs. 2 and 3. 
Advantage was taken of the fact that 
the standard cell housing of the SP.500 
can readily be removed and replaced by 
alternative housings. To prevent cold 
gas from reaching the photocell housing 
or the main body of the instrument, 
fused silica windows were recessed into 
the sides of the box and the baffles. In 
this way the cold gas was forced to 
follow the path indicated by the arrows, 
and the temperature of the metal sides 
of the instrument in direct contact with 
the perspex box never fell more than a 
few degrees below room temperature.
The top of the rod holding the cell 
fitted closely into a rectangular perspex 
guide attached directly to the top of the
F ig . 1.
1n le t  f ° r  d r y  g a s  
. \  t h r o u g h  t a p
t  \  . °
O u t e r  baff le  I n n e r  ba ffl e \
r - - +— s
i= ± d -
C o l l i m a t o r
I
- a —
Sl it
I
C o l l i m a t o rI
I
^ L i g h t  p a t h  
F i g . 2.
1 t
i I f
III
1 1
f t  f f  
i t  i i
i i j
I I  
1 1 i t tj
- i l l It ti►— i f
1 U l
illt  1 
1 1 
H
i t  ti
i p f i  
;t t;
'  ii*
■ iii jt  t |
S p o n g e  p a d  -j—
l i Light -if — i i p a t h
E x i t  f o r  
g a s e s
P h o t o - c e l
- : - a -
i D e w a r
C o l d  o x y g e n  g a s
[ H e a t e r  
L i q u id  ^ o x y g e n  T
F ig . 3.
page five
cell housing, and projected through the 
top of the guide so that it could be 
raised in order to place the cell into the 
the light path. This guide effectively 
prevented diffusion of most air into the 
box. -
Absorption measurements were made 
by raising the rod so that the light from 
the monochromator passed either 
through a hole in the rod or through 
the cell itself. In order to obtain the
optical density of a particular solution 
this operation was later carried out for 
the pure solvent and the results sub­
tracted. For some glasses this led to 
inaccuracy because of differences in 
cracking between solution and solvent, 
but a reasonable estimate could be 
made of the relative cracking in each 
glass by comparing readings in a region 
in which neither solvent nor solution 
had any intrinsic absorption. In this
way fairly accurate optical densities 
could be obtained.
Stray light effects were eliminated in 
the wavelength range 230-900 m^ by 
coating the cell housing with black 
paint, and results in this range are 
thought to be quite reliable. By 
replacing the cell with a calibrated 
thermocouple it has been found that 
temperatures as low as 110° A. are 
readily obtained.
A WORLD OF SPECTROVISION
1.—NEW CALEDONIA
Caledonia
of the region, the South Pacific Com­
mission established a food analytical 
laboratory to investigate the indigenous 
foods. This laboratory was set up in 
Noumea, and through the generous 
co-operation of Dr. F. Bugnicourt, 
Director of the Institut Frangais 
d’Oceanie, was housed in the Institute’s 
chemical laboratory. ~ /
In the laboratory the various foods 
received from the different territories 
were analysed for their general com­
ponents : water content, fat, carbo­
hydrate, protein, etc., and also for their 
vitamin content. The vitamins to be 
estimated included vitamin A pre­
cursors, vitamin C (ascorbic acid), 
vitamin Bx (thiamine), vitamin B2
(riboflavin), niacin and vitamin E 
(tocopherols). The main instrument 
used in these analyses was a Unicam 
ultraviolet spectrophotometer with 
fluorimeter attachment.
The food analytical laboratory has 
now completed its task and, from the 
results being assembled, it is hoped 
to be able to supply all those interested 
in the foods of the South Pacific area 
with a comprehensive set of values for 
the major constituents found in these 
foods and with an indication of the 
biological value of the proteins.
A final report is being prepared by 
the Commission’s "Biochemists, includ­
ing Mr. F. E. Peters, to whom we are 
indebted for this account.
A knowledge of the composition of 
the foods of the various territories of 
the South Pacific is useful and necessary 
for nearly everyone interested in the 
welfare of the peoples of the area. 
The Agricultural Departments need 
this information in their extension 
work to encourage people to grow 
better and more nutritious crops; the 
authorities responsible for labour and 
hospital rations use it to formulate 
sound diets; it helps medical officers 
and nutritionists to assess illnesses 
which may be caused by specific dietary 
lacks, and to advise on ways to improve 
the diets.
Foods used in Europe and the 
United States have been thoroughly 
investigated during the past fifty years,' 
and much is now known of their com­
position. However, foods of the South 
Pacific have received only little atten­
tion, and, nutritionally, are largely 
unknown. To overcome this lack of 
knowledge, and to aid its field workers 
and others interested in the peoples
( i  f O  ry
Unicam instruments in the South Pacific Commission’s • 
food analytical laboratory.
A DATE TO REM EM B ER!
ACHEMA X llth  CONGRESS—FRANKFURT—MAY 31 -  JUNE 8, 1958 
Unicam will be there. See enclosed leaflet. -
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665. Alkali-metal-Amine Solutions. Spectroscopic and Magnetic
Studies.
B y  G. W. A . F o w le s ,  W. R. M c G r e g o r , and  M. C. R. S ym ons.
One or both of two intense electronic absorption bands in the visible and 
the infrared region, respectively, are invariably found in dilute solutions of 
alkali metals in amine solvents. Which band predominates and the precise 
position of the absorption maximum depend upon the solvent, the metal, 
and the temperature. Solutions showing only the visible band are not para­
magnetic, whereas paramagnetism is found whenever the infrared band is 
detectable. In agreement with current theory, it is postulated that electrons 
are solvated, either singly or as pairs, and that the intense absorption band is 
caused by the transition of an electron to a discrete excited state defined by  
the solvent shell. Allocation of the visible and the infrared bands to 
excitations from paired and unpaired electrons respectively, and the factors 
affecting the pairing and unpairing of electrons, are discussed, together with 
the effect of changes in environment on the absorption maxima.
It has been established that alkali metals dissolve reversibly in liquid ammonia to give 
true, rather than colloidal, solutions. The precise nature of these solutions has been 
investigated in several ways. Conductivity studies 1 have shown that these solutions 
have an equivalent conductance greater than that found for any salt in liquid ammonia; 
in very dilute solutions the conductance is about three times that of a salt in liquid 
ammonia, while in concentrated solutions the conductance closely approaches that of a 
metal. These results have been interpreted as a dissociation of the metal atoms into 
metal ions and solvated electrons, M M+ +  e, the high conductivity of the dilute 
solution being attributed to the abnormal mobility of solvated electrons. Further inform­
ation on the nature of solvated electrons is provided by density measurements,2 which 
show that solutions of metals are less dense than pure ammonia to the extent of at least 
70 A 3 per alkali-metal atom dissolved, and by measurements of magnetic susceptibility 3 
and paramagnetic resonance absorption.4 Magnetic measurements show that para­
magnetic species are present at low concentrations, but that the solutions become 
increasingly diamagnetic as they become more concentrated, and that, further, the 
paramagnetism increases with increase in temperature. Since the characteristic spectra 
of the metal atoms cannot be detected, these changes in paramagnetism are generally 
attributed to the presence of electrons solvated either singly or in pairs. The metal atoms 
are completely ionised and the resulting cations and electrons are stabilised by solvation. 
If the electrons are separately solvated, they will be paramagnetic, whereas they will be 
diamagnetic if they are solvated in pairs.
In the model described by Kaplan and Kittel,5 based on the investigations by 
Hutchinson et al.;4 the solvated electrons exist in delocalised molecular orbitals on all the 
solvent protons surrounding cavities which the electrons create in the solvent. The 
molecular orbitals are described by a wave function of the type
i ~ l
where p  is of the order of 50, and pi represents the Is atomic orbital on the Ah proton 
together with a small contribution from higher-energy states. In an alternative 
description, Platzman 6 considers the electron to be bound in the lowest discrete state of 
the potential created by the oriented solvent molecules. In both these models, the solvated 
electron is quite independent of the cation.
Recently, Becker et al.1 have suggested that no cavities exist, but that the electron is
band was discharged only when light of wavelength less than 5400 A was used for irradi­
ation, although the maximum absorption was at 6000 A. A general increase in absorption 
in the near-infrared region, with a broad maximum at 12,500 A was also observed. Our 
qualitative observation that when a blue glass of propylenediamine containing dissolved 
sodium is irradiated the blue colour is greatly diminished but never quite lost is in agree­
ment with the work of Linschitz et al.
We can hence conclude that the two main absorption bands do not correspond to the 
ejection of an electron (paired or unpaired) from its cavity into a conduction band, but 
rather to its excitation into a higher-energy orbital still within the same cavity. We 
further suppose that the continuum observed below about 5500 A corresponds to the 
total ejection of the electron into a conduction band. When this electron is forced out of 
its cavity completely, it is unable to return to its original state because of the rigidity of 
the solvent, but once the glass is allowed to soften, the electron can create a new cavity, so 
that the original absorption band returns. When one electron has been ejected from an e2 
cavity, then an et cavity in effect remains, thus accounting in part for the increase in the 
infrared band observed by Linschitz.
(c) Effect of Environmental Changes on the 2e1 e2 Equilibrium.—It is apparent from
Table 1 and from the results on mixed solvents reported by Blade and Hodgins,10 that 
quite small changes in temperature, concentration, and the nature of the metal and solvent 
readily affect the equilibrium 2 &-L ^  — e2, so that ex and e2 must have very similar energies. 
Lowering the temperature or raising the concentration clearly favours the e2 form. 
Solvents with relatively high dielectric constants {e.g., NH3) appear to favour ex formation 
irrespective of the metal, but in amine solvents e1 formation occurs only when the metal 
ions have a high surface-charge density. It is perhaps significant that lithium is much 
more soluble in amines than either sodium or potassium, and that lithium alone of these 
metals forms appreciable amounts of ex cavities in such solvents. These trends are 
consistent and suggest that in amine solvents ion-pair formation may take place, so that 
the metal ion is close to the solvated electron and has a noticeable influence upon the 
type of cavity formed.
We are unable to explain the absorption band at 8500 A which appears in relatively 
concentrated solutions of potassium in methylamine and propylenediamine. Since the 
band is reproducible but occurs only in these two solvents, it is unlikely to be caused by 
impurities in the metal. The band appears at such short wavelengths that it can hardly 
be caused by e2 transitions (shifted by the effect of the metal ion) and in any case para- 
magnetic-resonance measurements show that the concentration of ex species is extremely 
small.
Effect of Environmental Changes upon the Position of Maximum Absorption and Band 
Width.—The results reported by Blade and Hodgins 10 show that subtle changes in 
environment have a marked effect, not only on the pairing of electrons, but also upon the 
exact positions of maximum absorption and widths of both bands. The magnitude of the 
shift of maximum absorption does not give a direct measure of the change in energy of 
either the ground or the excited state, but of the change in energy of one in relation to the 
other. The various trends may be summarised : (a) Increase in temperature broadens 
the band and shifts it to longer wavelengths. For a given solvent, this effect is more 
pronounced for ej than e2 bands, (b) Increase in concentration shifts the band to shorter 
wavelengths. This effect is more marked for e2 than e1 bands, and is greater in amine 
solvents than in ammonia. (c) Replacement of hydrogen atoms by methyl groups {i.e., in 
amines) gives a shift to shorter wavelengths, and in mixed solvents the band lies between 
the two extremes. This gradual change indicates that in mixed solvents the hydrogen 
atoms of the N~H bonds of both amines and ammonia molecules can contribute directly to 
cavity formation.
The effects closely parallel those reported for the same changes in environment on the
first absorption band of the solvated iodide ion.17 If either the ex or the e2 bands 
represented the complete ejection of an electron from* a cavity then one might have expected 
a reversal in the direction of the spectral shifts compared with those for iodide, since the 
ground state of the solvated electron resembles the excited state of the iodide ion. Since, 
however, the effects are very similar, the postulate that the excited electron is still held 
within the e2 or the e2 cavity is given further support.
I t has been noted that the e2 band in amine solvents is far more sensitive to changes in 
concentration than is the e1 band in ammonia. This can probably be attributed to the 
combined effect of the higher charge density per cavity and the lower dielectric constant of 
the amine solvent which makes ion-pair formation significant despite the low 
concentrations. .
E x p e r im e n t a l
Purification of Materials.— Sodium and potassium were purified by distillation in vacuo into 
tubes sealed at one end, a modified version of the technique described by Dostrovsky and 
Llewellyn 18 being used. The samples of the metals taken for the distillation were cut under 
light petroleum from the centre of larger pieces.
Anhydrous ethylenediamine and propylenediamine were placed over potassium hydroxide 
pellets for some days, and then distilled through a 3 ft. column packed with glass helices. The 
middle fraction from the distillation was treated with sodium wire, and then distilled in vacuo 
on to freshly distilled alkali metal (sodium for ethylenediamine, potassium for propylenedi­
amine) ; a permanent blue coloration was taken as a criterion of dryness.
F ig .  1. A p p a r a t u s  f o r  p r e p a r a t io n  o f  
m e ta l—d ia m in e  s o lu t io n s .
F ig .  2. A p p a r a t u s  f o r  p r e p a r a t io n  o f  
m e ta l- d ia m in e  s o lu t io n s  f o r  s p e c t r a l  
s tu d ie s .  '
Methylamine. An aqueous solution (30% w/w) was run on to pellets of sodium hydroxide; 
the liberated methylamine was passed through a column of glass wool mixed with moist, freshly 
precipitated mercuric oxide to remove traces of ammonia 19 and collected in a trap cooled with 
liquid oxygen. The amine was dried in vacuo with freshly crushed barium oxide and finally 
metallic sodium.
Preparation and Stability of Alkali-metal Solutions in Ethylenediamine and Propylenedi­
amine.—The apparatus shown in Fig. 1 was used for the preparation of the metal solutions. 
A tube containing purified sodium or potassium was placed in D, which was then sealed off, and 
the system was evacuated through the B14 joint, / ,  and well flamed to remove traces of 
adsorbed moisture on the walls. When gently heated, the metal ran through the constrictions cx 
and c2 and solidified in B ; a thin film of the metal was then distilled on to the walls of A and the 
constriction c3 sealed off. The diamine was condensed into A , via J , and the apparatus was 
sealed off at constriction c4, leaving the metal and amine in an all-glass, highly evacuated 
system containing no taps or joints liable to introduce impurities. The amine was allowed to 
warm to room temperature in contact with the metal, and the resulting solution was freed from 
excess of metal by filtration through the sinter 5  into E ; the filtration was assisted by gently
wanning tube A (with the hand), thus slightly increasing the vapour pressure of the amine in  
this section.
Since lithium could not be melted through glass constrictions, a small portion of the metal 
was cut from the centre of a larger piece under light petroleum and while still wet with solvent 
was inserted into tube A against a counter-current of nitrogen; for this preparation, tube D  
and constrictions clt c2, and c3 were omitted from the apparatus. After evacuation, the 
solution was made up as before.
Sodium, potassium, and lithium gave blue solutions in both diamines. Several independent 
studies for each metal-amine combination showed that in both solvents sodium and potassium  
formed very much, more stable solutions than did lithium. Thus sodium and potassium  
solutions generally decomposed over a period of 6— 12 hr. while the lithium solutions were 
stable for only 16— 30 min. The rapid decomposition of the lithium solutions can probably be 
attributed in part to impurities in the metal.
F ig .  3. A b s o r p t io n  s p e c tra .
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A, Sodium  and, B, potassium  in ethylenediam ine.
C, Sodium and, D, potassium  in propylenediamine.
Effect of Metals on the Stability of the Solutions.— In the hope that conductivity measure­
ments could be made over a range of concentration, the effect of possible electrode metals on the 
stability of the solutions was investigated. A small strip of electrode metal was sealed into a 
side arm on tube E, and after evacuation and flaming of the apparatus the blue solutions were 
prepared as before and tipped on to the metal strip. W ith molybdenum, tungsten, and platinum  
the colour decayed within a minute or two; in view of this, conductivity studies were not 
attempted. •
I t  seems that these transition metals catalyse the decomposition of the m etal-amine 
solutions because of their ability to accept electrons.
Strength of the M etal-Am ine Solutions.— Precise measurement of the concentration of the 
metal in the solutions is difficult, since some decomposition to amide appears to be inevitable, 
and any determination of the metal concentration will give only the sum of the m etal in solutioif 
and that present as amide. Any metal determination thus represents the maximum upper 
limit. The total concentration of sodium in a freshly prepared saturated solution in ethylene­
diamine was estimated on a calibrated flame-photometer, and found to be 0-02 g.-atom/per 1. ;
A rough estimate of the concentration of metal in other solutions was then made by a  com­
parison of the relative intensity of colour. On this basis, lithium is by far the most soluble of
the alkali metals in either solvent; sodium and potassium in ethylenediamine and potassium  
in propylenediamine have similar solubilities, but sodium is only sparingly soluble in propylene­
diamine.
Absorption Spectra of Solutions of the Alkali Metals in Ethylenediamine and Propylenediamine. 
— Absorption spectra (3700— 10,000 A) were measured with a Unicam S.P. 600 spectro­
photometer, the solutions being contained in fused silica cells (1 cm., equipped with standard 
CIO ground joints) which could be evacuated without distortion or breakage. Measurements 
below 3700 or above 10,000 A were not reliable because of the strong absorption of the amine 
solvents. Unfortunately, cells thinner than 1 cm. could not be used, since they could not be 
evacuated and sealed.
The metal solutions were made in the apparatus shown in Fig. 2. The whole apparatus 
(except the cell C) was cleaned with hydrogen fluoride cleaning mixture 20 and dried for 12 hr. 
at 120°. The cell was cleaned with warm “ Teepol,” washed with pure acetone, and dried with 
warm air. The cell C was attached to the remainder of the apparatus with a trace of “ Silicone ” 
grease, and a tube of purified metal was placed in tube D  which was then sealed. The whole 
apparatus was evacuated through joint E, and gently flamed (except cell C). After the 
apparatus had been pumped out for several hours, the metal was melted through constrictions 
cv c2, and cz until a small globule appeared in B ; the apparatus was then sealed at cz. Sufficient 
solvent to fill cell C was then condensed in A , and the apparatus sealed at ci ; solvent was then 
carefully tipped into C, and its absorption compared with a “ blank ” cell containing boiled-out 
distilled water. A small portion of the solvent was tipped on to the globule of alkali metal in B, 
and the blue solution formed was carefully tipped back again into C. Gentle shaking gave a 
uniform dilute solution, whose absorption was again compared with the “ blank ” cell. The 
whole system, A , B, and C was designed to fit into a standard Unicam cell holder. All measure­
ments were made at room temperature. The results for sodium and potassium in ethylenedi­
amine and propylenediamine, shown graphically in Fig. 3, were obtained by subtracting the 
solvent absorption from that of the solution. Optical densities rather than extinction  
coefficients are recorded because of the difficulty of precisely estimating the concentration.
Paramagnetic Resonance Measurements on the M etal-Diamine Solutions.—The metal-diamine 
solutions were made in the usual manner, and tipped into a thin-walled Pyrex tube (3 mm.) so 
attached to the preparative apparatus that it could be placed directly into an H 012 3 cm. wave­
length rectangular resonant cavity for paramagnetic-resonance measurements. The results 
obtained are summarised in Table 2. Concentrations were varied between 10“2 and 1 0 -4 m , as 
judged from the intensity of the colour, and any absorption was found to increase with con­
centration. Experiments with lithium in methylamine showed that absorption was readily 
detected even in 10_4M-solutions.
T a b l e  2 . Paramagnetic-resonance absorption in metal-amine solutions at 
room temperature [metal concentration about 2 x  10"®m).
M etal Amine M agnitude of absorption M etal Amine M agnitude of absorption
Na ... (*CH2-NH2)2 N il Li ............  M eNH 2 Strong
K ----  ,, Very weak K ...............  ,, W eak
Na ... N H 2*CHMe*CH2N H 2 Nil
K   „ N il
Irradiation Experiments.— Rapid cooling of a fairly deep blue solution of sodium in 
propylenediamine gave a clear, uncracked glass, the blue colour being undiminished in intensity. 
When this glass, immersed in liquid oxygen contained in an unsilvered Dewar flask was 
irradiated with light from a tungsten-filament lamp, the colour was slowly bleached, until, 
after about 4 hours’ irradiation, only a faint blue colour remained. The original, deeper blue 
colour reappeared immediately when the glass softened. Repetition gave similar results, 
showing that no overall decomposition was occurring.
Grateful acknowledgment is made to the Esso Petroleum Company for the award of a 
maintenance grant to W. R. M., to Mr. D. Austen and Dr. D. Ingram for making the para­
magnetic-resonance measurements, and to Mr. M. Smith for valuable discussions.
T h e  U n i v e r s i t y , S o u t h a m p t o n . [R e c e iv e d , F e b r u a r y  5 th , 1957 .]
1 Kraus, J. Amer. Chem. Soc., 1921, 43, 749.
2 Lipscomb, J. Chem. Phys., 1953, 21, 52.
3 Freed and Sugarman, ibid., 1943, 11, 354.
4 Hutchinson and Pastor, Rev. Mod. Phys., 1953, 25, 285; / .  Chem. Phys., 1953, 21,1959 ; Hutchinson, 
J. Phys. Chem., 1953, 57, 546.
6 Kaplan and K ittel, J. Chem. Phys., 1953, 21, 1429.
6 Platzm an, unpublished results, quoted in footnote to p. 423 of ref. 14.
7 Becker, Landquist, and Alder, J. Chem. Phys., 1956, 25, 971.
8 Gibson and Argo, J. Amer. Chem. Soc., 1918, 40, 1327.
9 Vogt, Naturwiss., 1948, 35, 298.
10 B lade and Hodgins, Canad. J. Chem., 1955, 33, 411.
11 Jolly, U.S. Atom ic Energy Comm. N at. Sci. Foundation, W ashington D.C., 1952, U.C.R.L. 2008, 3.
12 Bosch, Z. Physik, 1954, 137, 89.
13 H ohlstein and W annagat, Z. anorg. Chem., 1956, 288, 193.
14 Platzm an and Frank, Z. Physik, 1954, 138, 411.
15 Ogg, J. Chem. Phys., 1946, 14, 114. :
16 Linschitz, Berry, and Schweitzer, J. Amer. Chem. Soc., 1954, 76, 5833.
17 Sm ith and Symons, J. Chem. Phys., 1956, 25, 1074.
18 D ostrovsky and Llewellyn, J . Soc. Chem. Ind., 1949, 68, 208.
19 H ohlstein and W annagat, Z. anorg. Chem., 1956, 284, 191.
20 Crawley, Chem. and Ind., 1953, 1205.
P r i n t e d  in  G r e a t  B r it a in  b y  R ic h a r d  C l a y  a n d  C o m p a n y ,  L t d .,
B u n g a y , S u f f o l k .
D . S c .  1 9 5 9 .  
tS  M .C .'R , S Y M O N S
Offprinted from the Faraday Society Discussions, 1957, No. 24
THE EFFECT OF ENVIRONMENTAL CHANGES UPON THE 
ULTRA-VIOLET ABSORPTION SPECTRA OF SOLVATED ANIONS
THE EFFECT OF ENVIRONMENTAL CHANGES UPON  
THE ULTRA-VIOLET ABSORPTION SPECTRA OF 
SOLVATED ANIONS
B y  M. Sm ith  a n d  M. C. R. Symons 
Dept, of Chemistry, The University, Southampton
Received 18th June, 1957
The effects of environmental changes upon the first electronic absorption band of 
solvated iodide ions are summarized. A simple model for the excited state of a solvated 
iodide ion is presented, which resembles the ground state of a solvated electron. A 
spherical square-well treatment for the excited state suggests that the energy of this state 
depends critically upon the radius of the cavity circumscribed by oriented solvent mole­
cules. The experimental results are discussed in terms of this simplified model, which is. 
shown to be consistent with the results.
1. In tr o d u c tio n
When the environment of solvated iodide ions is changed by changing the 
solvent, adding electrolytes, or changing the temperature, marked shifts in the 
first electronic absorption band of iodide are observed.1* 2 Some of these changes 
are recorded in fig. 1 to 6 . In an attempt to correlate these results, a model for 
the excited state for solvated iodide ions in polar solvents has been developed 2 
which is based upon certain basic assumptions regarding the behaviour of the 
solvent molecules in the immediate vicinity of the ion.
o
2 3 0 0220021002000
F ig. 1.—Spectra of aqueous K I: (a) 4°, (b) 70°.
Opinions range between the view that iodide is nearly unsolvated,3>4 the large 
heat of solution being accounted for as a small effect upon a large number of 
solvent molecules, and the view that there is a closely held shell of oriented solvent 
molecules around the ion.5* 6  There is considerable experimental evidence in 
favour of the latter view, and since it is essential to our argument that this view 
be adopted, this evidence will be summarized.
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2. Solvent orientation
Our arguments will be confined to water, but should apply to any polar solvent.
(i) Hasted, Ritson and Collie 7 have shown that considerable dielectric satura­
tion occurs in the immediate vicinity of ions.
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Fig . 2.—Emax (kcal, 20°) for iodide against % mole fraction. H2O +  A  f-BuOH, 
O EtOH, © /j-PrOH, 3  z'-PrOH.
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Fig. 3.—ismax (kcal, 20°) for iodide against % mole fraction; (a) H2O +  MeCN, 
(b) H2O +  dioxan, (c) H2O +  MeOH.
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Fig . 4.— <di?max (kcal) on an arbitrary scale against temperature (a) EtOH, (b) MeOH, 
(c) H20  +  NaCl (0-22 M), (d) H2Q, (e) MeCN, (/) EtCN.
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F ig. 5.—Effect of added salts on aqueous KI (a) o.d. at A =  2460 A (25°) and (6) EmtlK 
A, 20°) against concentration of added salt. Q  KC1, □  NaCl, A KF.
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(ii) Frank and Evans 8 in their free-volume treatment of entropy, picture an 
oriented layer of water molecules around the ions, and a disordered zone in which 
the residual ionic field competes with the structure building forces of the solvent.
(iii) Both the O—H stretching and bending frequencies of water are shifted 
strongly by negative ions including iodide, but are unaffected by positive ions.9
(iv) Taube has shown by the use of water enriched in H2lsO that oxygen is 
oriented towards positive ions.10
(a )
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pIG. 6.—2?max (kcal) for iodide against concentration of added salt (g equiv./l.), O present 
work; KC1, NaCl and KF (20°). +  Doucet; 22 concentrated KI solutions,* <■> Diamond 
and Fromherz; 23 alkali and alkaline earth chlorides, MgSC>4, KF (a) and KI(Z>), 
□  Fromherz and Menschich; 24 alkali chlorides.
This evidence seems compelling. Evidence against this view comes mainly 
from studies involving movement of the ions. Since gain and loss of solvent 
molecules by the primary shell will certainly be very rapid it seems likely that 
large ions such as iodide would not move together with specific solvent molecules. 
When considering an electronic transition, the solvent must be treated as being 
momentarily frozen, and hence, in this context, primary solvation would have a 
real meaning.
3. M odel for  the  excited  state of solvated  iodide
This problem has been discussed extensively,11*12*2 and we do not propose 
to consider the variety of propositions here. However, Platzman and Franck13 
have recently proposed a model from which ours has been derived, and this will 
be briefly discussed first.
(i) In this model the excited electron is represented as moving in an orbital 
centred on the iodine, but held in a discrete quantum level defined largely by the 
field of the polarized water molecules in the neighbourhood of the ion. Their 
treatment is based on that for the hydrogen atom, the effect of the free iodine 
atom being small. The molecular nature of the solvent is ignored, and the result 
obtained is that the average distance of the electron from the centre is 5-8 A. They
* 10 A has been added to the reported Amax values because the value reported for dilute 
KI is 10 A smaller than the accepted value.
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state that such a large extension means that the wave function depends largely 
upon the potential beyond the first layer of solvent molecules. However, this 
result cannot justify the choice of model upon which it depends, and considered 
on a molecular basis, the electron must, on this model, be centred largely upon 
the lone-pair electrons of the first layer of oriented water molecules. This con­
clusion seems improbable.
An attempt has been made to explain the results summarized here in terms of 
Platzman and Franck’s treatment.2 This has met with no success, and accordingly 
a new model has been developed, based upon the molecular nature of the solvent, 
in the hope that the general features of these results may be accommodated.
(ii) The solvated electron model. On loss of an electron, there should be an 
immediate contraction of the outer electrons of iodine, since the radius of an 
iodine atom is only 1-3 A, compared with 2-16 A for I- . This will leave a large 
free space between iodine and the solvent molecules, which, however, will not 
alter their positions during the transition process. We suggest that the excited 
electron may exist in this free space in an orbital closely resembling that for an 
electron in an F-centre or for a solvated electron.14
In order to describe this state of affairs mathematically a complex energy 
diagram should be constructed which takes into account the central iodine atom, 
the possibility of partial bonding with the solvent molecules, the electrical double­
layer arising from the dipolar nature of the solvent, and the external solvent. 
However, because of the great success of the “ electron in a box ” theory in other 
spheres, we have used this highly simplified approach in an attempt to obtain a 
qualitative test of the proposed model.
(iii) Square-well model. To a first approximation, the well may be treated 
as being infinitely deep, provided the energy of the first level within the well is 
small compared with the actual depth. The retaining force may be pictured as a 
repulsion exerted on the electron moving in a centrosymmetrical orbit, either by 
the electrons of the Solvent molecules, or by the outer sphere of partial negative 
charges existing on the oriented and electronically polarized solvent molecules.
Starting with the general equation
d2s 1(1 +  l)j 87r2m T^ n n ix
5 7 2 -------— +  Fw> =  °. <3-‘)
and putting V  =  0 for r <  ro and V  =  co for r >  ro, where ro is the radius of 
the well, the energy of the ground state of the electron with 1 =  0 is given by
£  = hzISmrQz. (3.2)
In order to link this result to the observed bands for the solvated iodide ion, 
the following cycle is proposed:
KH2O)* — * (H20)* +  I* gas ---- > (H20)* +  !• gas +  e gas
•^ max I E3E4 Y
(I- +  «)(H20)* <  I*(H20)^ +  e gas;
£ n a x  — E\  +  E2 +  £3  +  E4 , ( 3 . 3 )
where (H20)* represents the solvent cavity, I.(H20)^ an iodine atom within the 
cavity and (I» +  e)(H20)x an iodine atom and an electron within the cavity.
E\  is the energy required to remove an iodide ion from the solvent leaving the 
cavity intact, and £ 2 is the ionization potential (i.p.) of iodide. £3  is thought 
to be negligibly small, and. £4, the energy required to place the electron into the 
lowest energy level of the cavity, is thought to be related to E\  by the equation
£4  = — £1  +  hzl%mro2. ( 3 . 4 )
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Treating the electron and the iodide ion as point negative charges this contention 
is correct. To a first approximation it will still be correct with the electron in 
its lowest energy orbit provided it does not penetrate too far into the first solvent 
shell. These solvent molecules will not now be in their equilibrium positions but 
this will not affect the transition since subsequent relaxation will require several 
vibration periods. Therefore, setting £3  =  0, we write
Em ax =  i.p. +  A2/8mr02. (3.5)
This is a gross oversimplification of the facts, and no great physical signifi­
cance can be attached to values of ro estimated from (3.5). However, the expression 
derived does lead to a simple explanation of the experimental results, and we will 
therefore present some arguments to show that the theory is reasonably consistent.
4. C onsequences of the  model
(i) Numerical values for the radii of various cavities may be estimated from
(3.5) using the results presented. Thus for water at 25° one gets ro 4 A. This 
is clearly correct in order of magnitude, but is between 0-5 and 1 A larger than 
we would expect if our pictorial representation is correct. This statement is based 
on the view that in water at 25°, the internal radius of the cavity should be about 
2-6 A,15 whilst the electron penetration of the surrounding solvent molecules 
would probably be less than 0-8 A.
Energy differences, which represent the shifts recorded, are given by the 
equation
W D  -  iw ( 2 )  =  (*2/8m)(l/n2 -  l/r22), (3.6)
and the resulting estimated changes in cavity radius should be subject to less 
uncertainty than absolute values of ro.
(ii) Effect of an increase in temperature. This must cause an increase in the 
average radius of the solvent shell, provided the^nean number of solvent molecules 
contributing to the shell is not altered. That is, dr/dT must be positive. From
(3.5) we get
dEmaxfdT — (— A2/4mr03)(dro/d7’) (3.7)
and therefore d£nax/d7’ must be negative. This is invariably found for solvated 
iodide ions. By using eqn. (3.6) it may be seen that a 50° rise in temperature 
results in an increase of 0T A in the radius of the cavity. A comparison with the 
values given for the partial molar volumes for iodide ion at different temperatures 
shows that this conclusion is reasonable.
It may be seen from fig. 4 that — dEm^/dT is approximately constant for 
various solvents. Setting this equal to K  and substituting in (3.7) gives
dro/dT = AmKr^!h\ (3.8)
whence
r$ ~  (D — SmKT/h2)~i, (3.9)
where D is a constant. This expression may be expanded in powers of T and is 
then of the same form as the usual expressions used to denote the thermal ex­
pansion of an ionic crystal. There is no way of checking this result, but it would 
appear to be quite reasonable. Clearly, any marked deviations from this mode 
of expansion should show up as a deviation from linearity in the dEm^/dT plots. 
That such deviation is not observed, within experimental error for the pure solvents, 
implies that this law holds over the small temperature range studied and hence 
that no marked changes in the nature of the cavity are occurring.
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(iii) Effect of variation of solvents. The crude model proposed does not 
take into account such factors as the polarizability or the electron accepting power 
of the solvent and hence we must ascribe the shifts which are observed to changes 
in the effective radius of the cavity. Before enquiring into possible reasons for 
these changes, if indeed they occur at all, certain consequences of the model must 
be examined. It is noteworthy that Em** is large when dEmaJdT is small. This 
suggests that some solvent sheaths are held more tightly than others, or meet with 
greater resistance to expansion from the bulk solvent.
Since the extra size of the square-well radius over that of the ionic radius is a 
function of the temperature, it is significant to enquire what would happen to the 
ion-cavity unit at 0° K. The free space would presumably be lost, but the radius 
increment corresponding to solvent penetration would remain. Since all the
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F ig . 7 .—Emax (kcal, 20°) against dEmax/dT for iodide in pure and mixed solvents, (a ) KI
crystal; 25 (b) H2O (30 ), EtOH (70 ) % mole fraction; (c) H2O (81), EtOH ( 3 9 ) ; (d)
aqueous NaCl (0-67  m ); (e) aqueous NaCl (0 -22  m ); (/)  H2O (44-5), McCN (55*5);
(g) H20 (15-8), MeCN (84-2). .
solvents studied are probably oriented with hydrogen directed towards the ion, 
this may not vary very much and hence one might expect that the great differences 
found at room temperature would vanish at 0° K. Calling the energy of the 
transition at 0° K, £inax(0) this concept gives
Emax — KT +  £inax(P), when K — d£inax/dr; (3.10)
or -Emax(l) — £inax(2) =  T(K\ — K£) (3.11)
for solvents (1) and (2). Hence a plot of dEmaJdT  against Emax should give a 
straight line of slope T.
Fig. 7 gives this plot for pure and mixed solvents at 20°. The line arbitrarily 
drawn has the correct slope. Apart from the mixed solvents, the deviations
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from this line are relatively small, and we feel that this result is consistent with 
the model proposed. As a further test, using eqn. (3.6) to estimate the decrease 
in r corresponding to the hypothetical change in temperature to 0° K gives 
Ar 0-5 A. Couture and Laidler have recently proposed a method for splitting 
experimental values for partial molar ionic volumes at infinite dilution into a 
part which is related to the electrostriction of water and a part which is a measure 
of the actual free volume available to the ion.15 From their value at 25°, we 
estimate r ~  2-6 A. Using our value for Ar gives a free volume of 2-1 A at 0° K. 
This is close to the crystal radius of 2-16 A and thus fits in well with the present 
theory.
5. In terpretation  of results
(i) P u r e  s o lv e n t s .—Perhaps the most outstanding feature is the very low 
energy of the transition in liquid ammonia, given by Jolly as 112-5 kcal at an 
unspecified temperature below the b.p. of ammonia.16 If our generalization is 
correct, this band should have a large value for dEm^/dT, and there must be an 
exceptionally large cavity. The postulate that large cavities can be formed readily 
in ammonia is also invoked to explain the properties of solutions of metals in this 
solvent and is thus not without precedent. It is estimated that these cavities 
have radii between 3 and 4 A and it would seem that the cavity containing iodide 
is similar.2 The characteristic infra-red band of the solvated electron is sensitive 
to changes in environment in a , manner qualitatively resembling that of iodide14 
and it would be of interest to study the effect of pressure on both bands. Our 
model suggests that an increase in pressure should cause a shift to short wave­
lengths in both cases.
The rate of expansion of a cavity will be large (a) when there is a small S +  
charge on the dipole, (b) a large distance between iodide and the centre of positive 
charge, (c) a short distance between iodide and the centre of negative charge,
(d) a low external pressure and (e) a large number of solvent molecules in the 
cavity.
(a) would give ammonia and the cyanides larger cavities than water and the 
alcohols, 0b) would give the cyanides large cavities but (c) would counteract (b) 
for the cyanides to some extent. It is possible that (d) may be the reason why water, 
which has a closely knit structure, appears to have a smaller cavity than the value 
for dExanx/dT suggests. It is thought that (e) may be an important effect. Con­
sidering the equilibrium
I- (S.M.)* +  yS.M. % I" (S.M.)(*+1) +  (y — 1) S.M.,
k-i
(where S.M. stands for solvent molecule), then as the number of points of attach­
ment between iodide and S.M. increases, so k_i will decrease, but k\ will remain 
relatively constant. We suggest that the number of points of attachment will 
be three for ammonia and methyl cyanide, since both the lone-pair orbitals and 
the CN groups will orient themselves away from iodide, but two and one for 
water and the alcohols respectively. That water should be attached by both 
hydrogens is to be expected, in our view, because the molecules will attempt to 
orient themselves so that the lone-pair spi hybridized orbitals will be directed 
away from iodide. However, this is not the viewpoint taken by other workers.17- 5
The plot for dE^x/dT  for ethyl cyanide is curved in a sense that would bring 
the point back towards the line between water and methyl cyanide at high tem­
peratures (fig. 7). We tentatively suggest that the deviations at low temperature 
may arise because of steric repulsions caused by the bulky methyl groups.
(ii) M ixed  solvents (fig. 2, 3).—If the distribution of solvent molecules in 
the first shell equalled that in the bulk of the solvent, then a plot of Emax against 
mole fraction should be linear. It is interesting to note that extrapolation to
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75° by the use of our values for dEmax/dT obtained between 0 and 50° for water +  
ethanol solutions results in a good straight line. Similarly, the marked curvature 
of the water +  methyl cyanide curve is greatly reduced at higher temperatures. 
We conclude that abnormalities tend to be reduced at high temperatures, and, 
in particular, that for water +  ethanol systems, there is little or no preferential 
solvation by water at high temperatures. This accounts for the marked deviation 
of the mixed solvents apparent in fig. 7.
In contrast, after a small increase in Emax, which occurs when very small 
quantities are added, dioxan has no effect whatever upon Emax. This remarkable 
result indicates, in our opinion, that dioxan is not capable of participating in the 
primary shell. The initial shift must therefore be the result of a contraction in 
the water shell, and this, in turn, may reflect a small decrease in the average 
number of water molecules in the shell. On the reasoning of Frank 18 and Frank 
and Evans,8 we expect the dioxan to occupy preferentially those regions of maximum 
disorder surrounding the ions. This will tend to freeze into the bulk water struc­
ture those water molecules which previously contributed to the equilibrium de­
picted above, and hence to upset this equilibrium in such a way that slight 
dehydration occurs. Once this has happened, however, there will be no further 
change in the immediate neighbourhood of the ions as dioxan is added, until the 
solvent is no longer able to prevent ionic association.
The shape of the tert.-butanol and Aopropanol curves suggests that the initial 
drop is again a dehydration effect but that the ions remain preferentially hydrated. 
As the concentration of water is reduced, the equilibrium is tipped to favour the 
alcohol until, ultimately, a pure alcohol shell results. A similar argument may 
apply for methyl cyanide, but in this case, the initial dehydration produces an 
effect opposite to that of replacement and the two effects largely cancel out. 
Kosower, Martin and Meloche 19 have suggested that the shift observed for methyl 
cyanide is not a solvent shift but occurs because iodide ion and methyl cyanide 
form a specific 1: 1 complex of the charge-transfer type.20 The general form of 
the curve for mixed water +  methyl cyanide solutions is hardly compatible with 
this conclusion, nor is the great sensitivity to temperature changes.
(iii) Salt  solutions (fig. 5, 6).—Whilst there is considerable scatter, par­
ticularly for large salt concentrations, the general trend seems to be a small initial 
curvature followed by a straight line which indicates that it is the magnitude of 
the charge on the positive ion which is of greatest significance. There are probably 
a variety of competing effects which contribute to this result, the major one, 
particularly at high salt concentration, being a net increase in the polarization 
of the water molecules in the primary shell around iodide, resulting in a contrac­
tion of this shell. The parallel decrease in dEmax/dT is in accord with this picture, 
and there seem to be no grounds at all for supposing that there is any gross change 
in the absorbing unit Thus the formation of associated ion-pairs seems to be 
ruled out completely, and there seems to be no reason for postulating the forma­
tion of non-associated ion-pairs. The recent demonstration by Wertz 2i that 
alkaline-earth metal ions do not broaden the nuclear resonance absorption line 
of aqueous chloride ion strongly suggests that no asymmetric forces are present, 
even in concentrated solutions, thus suggesting that associated ion-pair formation 
is not occurring. This result is in accord with the spectrophotometric results 
recorded here.
We are extending this work to cover other anions which possess c.t.t.s. spectra. 
The most promising seems to be thiosulphate, whose band in the 2150 A region 
is very sensitive to environmental changes.
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SOLVATION SPECTRA
PART 1.—THE EFFECT OF ENVIRONMENTAL CHANGES UPON THE 
ULTRA-VIOLET ABSORPTION OF SOLVATED IODIDE IONS
A study is reported of the shifts of the first ultra-violet absorption band of the iodide 
ion which occur when the solvent is varied, other electrolytes are added to the solutions, 
and the temperature is changed. It is suggested that the large and characteristic changes 
observed should be a common feature for all negative ions absorbing by a charge transfer 
to solvent mechanism, and that they may therefore constitute a diagnostic test for such 
absorption processes.
Many photochemical studies on solutions are complicated by lack of know­
ledge of the nature of the primary act of light absorption. In this context one 
can distinguish two main classes of compounds, those which absorb by an intra­
molecular electronic transition and those which absorb by an intermolecular trans- 
tion. The latter may be further split into those compounds which are often 
described as donor-acceptor complexes, in which some form of interaction holds 
two specific molecules or ions close together, and the electron passes from one 
molecule to the other; and those which, in some unspecified manner, lose an 
electron to the solvent. To the familiar donor-acceptor complexes which absorb 
by a charge transfer mechanism, we choose to add ion pairs, such as the gaseous 
alkali metal halide ion pairs.
In many cases classification is unambiguous; thus, for example, many oxy- 
anions of the transition metals have absorption bands in the near ultra-violet region 
which may be assigned with some certainty to various internal electronic transi­
tions,1 whilst the halide ions, which absorb intensely in the 2000 A region, have 
no vacant orbitals able to retain an electron, and therefore the transition must 
involve the separation of an electron from the ion, and hence intimately involve 
the surrounding solvent molecules. (Other evidence for this commonly accepted 
conclusion is summarized by Platzman and Franck,2 and by Orgel.3)
An examination of the literature showed that the spectrum of solvated iodide 
ions is markedly dependent upon medium and temperature, and this work was 
undertaken in order to systematize the various shifts which occur. Many negative 
ions in solution absorb strongly in this region, and it is often stated that these 
bands are electron transfer bands similar to that of iodide.3'5 [Such spectra 
will be referred to as C.T.T.S., standing for charge transfer to solvent.] However, 
intramolecular transitions for many such anions are also expected to occur in 
this region,6 and at present no clear distinction can be made in many cases. After 
reporting the effect of environmental changes upon the spectrum of iodide ions, 
the possibility of using these changes as a criterion for C.T.T.S. will be discussed, 
and the method compared with other possible approaches.
B y  M. S mith  a n d  M. C. R. Symons 
Dept, of Chemistry, The University, Southampton
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EXPERIM ENTAL AND RESULTS
The environment of iodide ions in solution has been varied in the following ways:
(i) by using a variety of pure solvents, (ii) by using mixed solvents, (iii) by adding salts 
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which do not absorb light strongly in the 2200 A region, and (iv) by changing the temper­
ature of these solutions. The results, together with those of previous workers, are summar­
ized in table 1 and fig. 1-4. Where the results overlap there is substantial agreement. 
The value for dEmax./dT'for aqueous solutions reported by Doucet4 is identical with ours, 
but for a given temperature, Amax. is about 10 A smaller than reported here or by previous 
workers; Gorbachen and Zagerets 8 found that dE/dT was a constant in the long wave­
length region (logio e =  0) and their value of 61-6 cal/mole-1 deg.-1 compares favourably 
with our value of 62-0. The extensive work of Scheibe, Lederle and others on pure 
solvents is summarized in table 1 together with our results. The differences probably 
arise in part because the temperature of measurement varied and in part because instru­
mental errors are large in this region, particularly when the solvent absorbs relatively 
strongly. In all cases, the German workers established that the band position was inde­
pendent of the nature of the cation.
T abl e  1.—Amax.(A) a n d  dEn
solvent
h 2o
d 2o
h 2o
n h 3
MeOH
MeOH
MeOH
MeOH
EtOH
EtOH
EtOH
n-PrOH
h-BuOH
/jo-PrOH
iso-PrOH
/j'o-PrOH
MeCN
MeCN
MeCN
EtCN
H20  +  MeCN (55) 
H20  +  MeCN (84-2) 
H20  +  EtOH (39) 
H20  +  EtOH (70) 
H20  +  EtOH (83-5)
added salt 
(M)
NaCl (0-67)
LiCl (0-1)
LiCl (0-24) 
LiCl (1-0)
./d e g .) fo r  KI in VARIOUS MEDIA
temp. Amax. dEmaxJdT ref.
20 2261 32 *
20 2251 — 7
20 2254 30 *
— 2540 — 27
20 2198 11 *
— 2196 — 28
— 2210 — 16
20 2190 — *
— 2170 — 28
20 2185 10 *
— 2192 — 16
— 2156 — 28
— 2180 — ■ 16
20 2190 — *
20 2185 — *
20 2180 — *
20 2458 57 *
— 2444 — 28
— 2461 — 16
20 2494 47-57 *
20 2308 50 *
20 2372 . 60 *
20 2212 43 *
20 2194 27 *
20 2192 26 *
* this paper.
The effect of added salts is summarized in fig. 4. Despite the scatter it may be seen 
that a general trend is observed such that the shift to shorter wavelengths seems to be 
dominated by the number of positive charges in the solution. The results of Diamond 
and Fromherz 9 on concentrated potassium iodide solutions (b) differ markedly from this 
general pattern. No attempt has been made to repeat this work because of the many 
difficulties involved when very thin films are used. Our results with potassium fluoride 
differ somewhat from those of Diamond and Fromherz 9 (a) and follow the general trend 
for salts with a univalent cation. Since we have been primarily concerned with peak 
shifts rather than absolute intensities, values of the maximum extinction coefficient (emax.) 
are not recorded. We confirm the results of the German workers that there is very little 
change in the size and shape of the band when salt is added, and we find the same result 
in mixed solvents. Because of the rather curious results recorded by Scheibe10 for the 
second band in alcohols we have made a brief examination of the behaviour of the second 
band in water and in methyl and ethyl cyanide, and find that the trends closely parallel those 
for the first band, as would be expected. The high optical density of the alcohols made 
identification of the second band impossible in these solvents.
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Increasing the temperature causes a marked broadening of the band in addition to 
the shift (fig. 1 of ref. (29)). Measurements of optical density at a given wavelength in
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From measurements on the long wavelength edge alone it is difficult to disentangle these 
combined effects. It is also necessary to make corrections to allow for the expansion of 
the solvent, and this is sometimes difficult when mixed solvents or salt solutions are used. 
We have accordingly confined our attention largely to peak shifts.
Water was purified by double distillation from alkaline permanganate under nitrogen, 
after passing down an ion exchange column (bio-deminrolit). Methanol, ethanol, 
/z-propanol and dioxan were purified by the method of Weissberger and Proskauer.11 
This treatment gave a product with a water content of less than 0-1 % (Carl Fischer 
estimation), and for mixed solvent work in which water was one component, was used 
without further purification. 7-Butanol was recrystallized until a melting point above 
29-3° was obtained. Methyl cyanide (Eastman Kodak Co. Spectro-grade) and wupropanol 
(British Drug Houses Spectrosol grade) were not further purified for mixed solvent work. 
Ethyl cyanide was purified by the procedure of Lewis and Smyth.12
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When anhydrous solvents were required, these solvents were further treated by one of 
the following procedures, (a) The solvent was repeatedly shaken with fresh batches 
of Drierite (anhydrous calcium sulphate) and finally distilled from Drierite under pure, 
dry nitrogen in a desiccated glove box. Further manipulation, including cell filling, was 
carried out in the box. (b) A 1-cm fused silica cell fitted with a CIO cone was attached 
via a CIO socket and a constriction to a standard vacuum line so that two side arms, 
having capacities approximately equal to that of the cell, were isolated with the cell, when 
the constriction was closed. Dry potassium iodide was placed in one of these tubes, and 
the whole apparatus evacuated to about 10-4 mm and flame-dried. Pure solvent was 
distilled via a series of tubes containing Drierite into one of the side arms, and the apparatus 
sealed at the constriction. By careful manipulation, solvent was poured on to the 
potassium iodide and the resulting solution then poured into the cell. The tubes were 
so arranged that they could be placed into a standard cell holder for the Unicam SP 500 
spectrophotometer.
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Solutions of iodide in mixed solvents were prepared by the following procedure. 
Standardized aqueous potassium iodide (5 ml) was placed in a weighed graduated flask 
(100 ml). After reweighing, pure solvent was added from a burette in an atmosphere 
of dry nitrogen. When the required volume of solvent had been added, the flask was 
again weighed and made up to the calibrating mark with water. Finally the solution 
was weighed again, and the mole fraction of solvent calculated from the recorded weights. 
Exactly the same volumes of water and organic solvent were placed in another flask and 
the mixture used in the reference cell. Great care was taken to ensure that the solvent 
composition was the same in both cells, since slight differences can lead to an apparent 
shift of the peak if the solvent has a rising absorption in the wavelength region 
concerned.
Fused silica cells (10 mm and 1 mm) were cleaned thoroughly, and after rinsing re­
peatedly with purified water, were dried in a current of hot nitrogen. For measurements 
below 2100 A solvent absorption was reduced by placing 0-9 mm quartz plates in the 
1 mm cells. Cells were calibrated by placing a solution having an optical density of
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about 0-4 in both cells and the differences in optical density plotted against wavelength. 
Alternatively, two series of readings were taken, the iodine and reference solutions having 
been interchanged for the second series. The mean of the two optical densities at each 
wavelength was taken as the true value.
Spectrophotometric measurements were made on a Unicam SP 500 spectrophoto­
meter which had been specially selected by the makers because of its outstanding response 
in the 2000 A region. The wavelength drum was calibrated to 1900 A and the calibration 
was checked in this region by comparing the results for the second iodide peak in water 
with the currently accepted value. When readings below 2000 A were made, dry nitrogen 
was streamed through the monochromator and slit-widths were kept to a minimum. 
It was found that the efficiency of the hydrogen arc fell off rapidly in the 2000 A region, 
so measurements below 2000 A were made immediately after the installation of new lamps. 
The transmission calibration was accepted as being correct in the region of optical density
* 10 A has been added to the reported Amax. values because the value reported for 
dilute KI is 10 A smaller than the accepted value.
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between 0-2 and 1-2 since Beer’s law was accurately obeyed by aqueous potassium iodide 
solutions in this range. Optical densities of solutions were kept in the range 0-4 to 0-6 
and the total optical density of the cell measured against air was always below 1-0 . 
Whenever 1 cm cells could be used, they were stoppered with standard C 10 stoppers and 
contained in a perspex box in such a way that they were actually immersed in the thermo- 
statting water except for a small section each side through which the light passed. This 
thermostat, which was constructed by Unicam Instruments Ltd., and kindly loaned to 
this department, was suspended from the lid of a modified cell compartment, and water 
was circulated by means of a small pump. Fogging of the cell windows at low temper­
atures was prevented by passing dry nitrogen through the cell compartment. The 
arrangement was such that no significant heating up of the main body of the instrument 
occurred. The thermostat for 1 mm cells was of conventional design, the cells being 
placed into compartments in a brass holder through which water was circulated.
When measurements were made at different temperatures the whole series was re­
peated to ensure that no decomposition or evaporation had occurred. If the readings 
failed to coincide the solution was discarded. Readings were made at intervals of 5 A 
and at least ten readings were taken to define the peak. These were plotted and the wave­
length of maximum absorption was estimated from the curve by taking the mean of the 
mid-points of five lines drawn through the curve parallel to the wavelength axis. The 
accuracy obtained is implied in the figures by the length of the line representing a given 
maximum.
DISCUSSION
We think that the shifts recorded, which cover a range of more than 20 kcal, 
are sufficiently large to warrant consideration as a method for identifying a 
C.T.T.S. band. To establish this it will be necessary to demonstrate that intra­
molecular transitions do not, as a general rule, show the same characteristics 
when the external medium is changed, and that other ions, known to absorb by 
a C.T.T.S. mechanism do in fact show the same general characteristics. The 
latter aspect will be the subject of a later paper, but it can readily be seen from 
measurements on the long wavelength edge of the bromide, chloride and hydroxide 
bands that these ions almost certainly exhibit the same general characteristics, 
as expected.
In order to demonstrate that intramolecular transitions are not likely to show 
these characteristics a detailed review of the very extensive literature on the 
subject should be given. To avoid this, some pertinent examples will be quoted, 
together with references to recent work on the subject. It must first be stressed 
that if a change in medium alters the structure of the absorbing material, then 
the consequent alteration in spectrum clearly bears no relation to the effects 
considered here. Amongst such changes we choose to mention the gain or loss 
of a proton, hydrogen bonding,13 and, in particular, ligand substitution. Thus, 
whilst it is generally found that the characteristic absorption bands of transition 
metal complex ions are not very sensitive to medium or temperature changes, 
nevertheless, different complexes of the same ion may absorb in completely different 
regions of the spectrum. For example, the spectrum of tetrachloroferrate (III) 
ion is the same in water or ethanol, and the bands are not shifted when the solution 
in ethanol is cooled from 300° A to 78° A.14 If water were to replace the chloride 
ligands, however, one would expect to find a marked change in the spectrum, 
because a new species is formed. If, therefore, iodide ion reacts with some other 
material present in solution, the characteristic C.T.T.S. band will be lost and new 
bands will appear. These may be described best either as intramolecular transi­
tions or intermolecular transitions of a “ charge-transfer ” complex or ion-pair. 
However, as can be seen by a consideration of some of the results compiled by 
Katzin,15 such transitions are relatively insensitive to environmental changes, 
and certainly do not exhibit the general pattern of shifts described here. This 
point is stressed because in a recent paper, Kosower, Martin and Meloche 16 
suggest that facts such as these invalidate the proposition now made in detail
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and briefly reported earlier.17 Their results with substituted methyl pyridinium 
ions clearly show that solvated iodide, as such, is destroyed, and a new compound 
formed. The fact that the spectrum of this complex no longer exhibits the same 
trends as those of the solvated iodide ion supports our contention that these 
trends are characteristic of C.T.T.S. spectra. Their suggestion that methyl 
cyanide forms a similar complex seems to be incompatible with the results 
reported here.
The shifts which are observed for intramolecular transitions can usually be 
related to some property of the solvent, such as the refractive index or the dipole 
moment.18- 19 For example, the spectra of primary alkyl iodides in the vapour 
are characterized by a band with a maximum at about 2575 A. This band is 
found at 2550 A in ethanol, 2575 A in light petroleum, and between 2570 and 
2600 A in carbon tetrachloride.20* 21
It is accordingly concluded that the shifts recorded for the spectra of solvated 
iodide ions may provisionally be taken as being characteristic of the C.T.T.S. 
mechanism of light absorption. This assumption does not call for a detailed 
description of the excited state, but simply that when C.T.T.S. occurs, the excited 
state for a given medium is similar whatever the nature of the absorbing species. 
This would be unlikely to hold for substrates of different charge type, but since 
only negative ions are likely to undergo C.T.T.S. in the accessible region of the 
spectrum (>  1900 A) this qualification is unimportant.
OTHER METHODS FOR IDENTIFYING C.T.T.S. SPECTRA
Although classical photochemical studies may give information in favourable 
cases,22 the development of the techniques of flash photolysis and low temperature 
glass irradiation should lead to greater insight into the initial stages of photolysis 
and hence give more direct evidence regarding the nature of the primary process. 
Recently Grossweiner and Matheson23 have exposed aqueous solutions of the 
halide ions to an intense flash from an xenon lamp and tentatively identify a 
transient species which has a strong absorption in the 4000 A region as the di­
halide ion. They do not observe any absorption in the 9000 A region, which might 
be expected if solvated electrons were formed.24 Further work will be required 
on other ions before this method can be used as a diagnostic test for C.T.T.S.
Farkas and Klein5 claim that a very small quantity of hydrogen isolated during 
the photolysis of aqueous bromate solutions is formed because the primary act 
of light absorption involves the loss of an electron to the solvent. Qualitative 
detection of hydrogen, however, cannot be taken as evidence for C.T.T.S., since 
bromide ions are rapidly formed in this reaction and absorb in the same region 
as bromate. Clearly, the hydrogen might well have been formed as a consequence 
of slight bromide photolysis.
The thermodynamic cycle proposed by Friedman,25 whilst giving no information 
about the nature of the excited state, nevertheless seems to be free of arbitrary 
assumptions and may be applied whenever the standard heat of formation (—AH/°) 
of the ion in solution is known. By use of this cycle, Friedman has shown that it 
is thermodynamically reasonable to describe the intense ultra-violet absorption of 
several oxyanions as C.T.T.S., but that the 3600 A peak of tri-iodide cannot be 
C.T.T.S. It is interesting to note that the method outlined in this paper would 
lead to the same conclusion for tri-iodide. Thus Katzin 15 has shown that the 
first peak in r-butanol is at 3600A whilst the peak in water is at 3520 A, and in 
ethanol at 3550 A. These shifts are in the wrong direction for a C.T.T.S. band 
according to our criterion and hence the absorption must be the result of an internal 
transition.
Acknowledgement is made to the Royal Society for financial assistance, and 
to the University of Southampton for a maintenance grant for one of us (M. S.).
S O L V A T I O N  S P E C T R A 3 4 5
1 Carrington, Schonland and Symons, J. Chem. Soc., 1957, 659.
2 Platzman and Franck, Z. Physik., 1954, 138, 411.
3 Orgel, Quart. Rev., 1954, 8, 422.
4 Rabinowitch, Rev. Mod. Physics, 1942, 14, 112.
5 Farkas and Klein, J. Chem. Physics, 1948, 16, 886.
6 McGlyn and Kasha, J. Chem. Physics, 1956, 24, 481.
7 Doucet, Compt. rend., 1943, 216, 198.
8 Gorbachen and Zagerets, Doklady Akad. Nauk. S.S.S.R., 1951, 81, 625.
9 Diamond and Fromherz, Z. physik. Chem. B, 1930, 9, 299.
10 Scheibe, Z. Elektrochem., 1929, 35, 701.
11 Weissberger and Proskauer, Technique of Organic Chemistry, part 7 (Interscience, 
London, 2nd ed., 1952).
12 Lewis and Smyth, J. Chem. Physics, 1939, 7, 1085. -
13 Brealey and Kasha, J. Amer. Chem. Soc., 1955, 77, 4462*
14 Brealey, Ph.D. Thesis (Univ. of Manchester, 1952).
15 Katzin, J. Chem. Physics, 1955, 23, 2056.
16 Kosower, Martin and Meloche, J. Chem. Physics, 1957, 26, 1353.
17 Smith and Symons, J. Chem. Physics, 1956, 25, 1074.
18 Ham, J. Amer. Chem. Soc., 1954, 76, 3881.
19 Bayliss and Macrea, J. Physic. Chem., 1954, 58, 1002.
20 Haszeldine, J. Chem. Soc., 1953, 1764.
21 Alsopp, Proc. Roy. Soc. A, 1937, 158, 167.
22 Zimmerman, J. Chem. Physics, 1955, 23, 825.
23 Grossweiner and Matheson, J. Chem. Physics, 1955, 23, 2443.
24 Jortner and Stein, Nature, 1955, 175, 893.
25 Friedman, J. Chem. Physics, 1953, 21, 319.
26 Fromherz and Menschich, Z. physik. Chem. B, 1930, 9, 299.
27 Jolly, C7.C.R.L., 1952, 2008.
28 Lederle, Z. physik. Chem. B, 1930, 10, 121.
29 Smith and Symons, Faraday Soc. Discussions, 1957, 24.
PRINTED IN GREAT BRITAIN AT 
THE UNIVERSITY PRESS  
ABERDEEN
D.
u t
2(>
S c . 1 9 5 9 .
J. R,  S Y M O N S
Offprinted from the Transactions o f the Faraday Society, 
No. 423, Vol. 54, Part 3, March, 1958
SOLVATION SPECTRA 
PART 2.—THE NATURE OF THE ELECTRONICALLY EXCITED STATE 
OF SOLVATED IODIDE IONS
SOLVATION SPECTRA
PART 2.—THE NATURE OF THE ELECTRONICALLY EXCITED STATE OF 
SOLVATED IODIDE IONS
B y  M. Smith  a n d  M. C. R. Symons 
Dept, of Chemistry, The University, Southampton
Received 19th June, 1957
Current theories for the nature of the excited state are reviewed in the light of results 
reported in part l .1 In particular, it is shown that the theory of Platzman and Franck 2 
is not, in its present form, capable of accommodating these results. A theory based upon 
the concept that the excited state closely resembles the ground state of a solvated electron 
is examined, and an elementary treatment is proposed which correlates the energy of the 
optical transition with the radius of the primary solvent shell around the iodide ion. By 
means of this model, a tentative explanation of the results of part 1 is given.
1. I n tr o d u c tio n
In part l 1 it was suggested that the marked changes in the energy Emax. of 
maximum absorption of the iodide ion which occur when the environment of 
the ion is altered, may be Characteristic of a type of light absorption described as 
charge transfer to solvent (C.T.T.S.). Any model for the excited state must be 
capable of accommodating these shifts, at least qualitatively, and this paper is 
concerned with a brief examination of current theories and the development of 
a new model which, in a highly simplified form, seems to fit in with the results 
of part 1. The results of part 1 and these conclusions have been presented in 
summary, and the implications regarding the problem of ionic solvation discussed.3
2. A ssumptions
These are as follows :
(i) That in all the solutions described in part 1, the iodide ion has a well-defined 
primary solvation shell consisting of a number of solvent molecules oriented wth 
the positive end of the dipole directed towards the ion. This concept has been 
developed in detail for water by Bernal and Fowler and others,4'6 and is favoured 
by Platzman and Franck in their treatment of the excited state of aqueous iodide 
ion.2 Clearly, in most solvents, the solvent molecules are moving very fast relative 
to the iodide ion, and one can picture a rapid equilibrium in which the primary 
solvent shell is continuously changing, despite its relatively well-defined structure. 
When considering an electronic transition the solvent must be treated as being 
momentarily frozen and hence, in this context, primary solvation would have a 
real meaning. Experimental evidence in support of this view has been discussed 
elsewhere.3
(ii) That ion-pairing is unimportant in any of the solutions studied. The 
concentration of iodide was usually 10~4 M and the lowest dielectric constant 
of any of the pure solvents used was about 20. The first absorption band for 
alkali metal +  iodide ion-pairs in the vapour is at 3245 A and is temperature 
independent within experimental error.7 Since solvation would stabilize the 
ground state relative to the excited state, the absorption maximum for KI associ­
ated ion-pairs in solution might occur at somewhat shorter wavelengths, but it 
is most unlikely that the shift would be large enough to account for the results
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reported in part 1. The change in Emax. for aqueous and alcoholic iodide is rela­
tively small for large concentrations of added salt and there is no indication of 
the formation of any new species.1
(iii) That a consequence of the foregoing assumptions is that the unit composed 
of iodide and the first layer of solvent resembles iodide in an ionic crystal. In 
each case there is a spherical shell of positive charge surrounding the iodide ion, 
and further out a similar shell of negative charge. Beyond this region the differ­
ences are marked, and kinetically, of course, there can be no comparison. How­
ever, provided that the excited electron does not move far from iodine during 
the act of light absorption in either case, then comparison might be fruitful. 
Since the process of light absorption is far better understood for ionic halide crystals 
than for solutions, this comparison will be made repeatedly in the following 
discussion.
3 . N o t a t io n
In addition to conventional symbols, the following will be used:
C.T.T.S., charge transfer to solvent;
Emax., the energy of maximum absorption;
6max., the maximum molar extinction coefficient;
I.P., : ionization potential;
AlTjon, standard heat of solution of the gaseous ion;
li0p and /xs, the “ optical ” and static dielectric constants.
4 .  C u r r e n t  t h e o r ie s
Current theories for the nature of the act of light absorption in halide crystals 
and solutions all involve the loss of a ^-electron by the halide ion but they differ 
in the description of the destination of this electron. This destination is thought 
to be:
(i) B u l k  s o l v e n t .— The concept that an electron is ejected into the solvent 
has often been proposed in connection with the photolysis of iodide in solution, 
and has recently been revived by Connick, Jolly and Latimer.8 These authors 
discussed specifically the question of solutions in liquid ammonia, and proposed 
that the ejected electron be considered as solvated in the same sense as is generally 
postulated for electrons in liquid ammonia.9 This model is inherently unlikely 
since it would involve major reorganization of solvent molecules during the act 
of light absorption. However, it is considered in detail in § 5 because of its 
relationship to the model proposed in that section. Alternatively, the electron 
could be pictured as passing into some sort of conduction band as in crystals. 
However, several distinct levels exist in crystals before the conduction band is 
reached, and by analogy one might expect the same to be true for solutions. One 
would not expect the well-defined peaks observed, but rather a gradually rising 
continuum, if this mechanism were the correct one. Further evidence against 
this mechanism comes from the flash photolysis experiments of Grossweiner 
and Matheson,10 and from the low temperature glass irradiations described in (ii).
(ii) A s in g l e  s o l v e n t  m o l e c u l e .—Since there are no vacant orbitals capable 
of retaining an electron in any of the solvent molecules used for the measurements 
reported in part l ,1 there seems to be little in favour of this theory. Indeed, one 
of the main reasons for adopting the general concept of C.T.T.S. is that no such 
orbitals exist for the iodide ion itself. There seems to be little gained by the 
postulate that such an orbital is ineffective in retaining the electron on iodide, 
but can hold it on an adjacent solvent molecule. An alternative postulate is 
that bond fission accompanies the transfer. Rigg and Weiss 11 suggest that this 
is in fact what happens, and that it is a highly efficient process. In an attempt to 
obtain physical evidence of this process, low temperature glasses of aqueous KOH, 
and NaOH, and of ethanol, containing KI have been irradiated for many hours 
with a low pressure mercury discharge lamp using the procedure described by
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Gibson, Ingram, Symons and Townsend.12 Examination of these glasses by the 
technique of electron-spin resonance revealed the total absence of any absorption. 
Had either trapped electrons or hydrogen atoms been present, they should have 
been detected by this technique. On softening, no iodine was formed, thus showing 
that no net decomposition had occurred. Attempts to explain the results de­
scribed in part 1 by means of this model have resulted in failure.
(iii) An o r b i t a l  d e f i n e d  b y  t h e  o r ie n t e d  s o l v e n t .— In general terms, the 
electron is thought to move in a discrete, centrosymmetric orbital defined largely 
by the potential field of those polarized solvent molecules which are oriented around 
the iodide ion. A similar model has been invoked to account for the behaviour 
of electrons in liquid ammonia.9 In alkali halide crystals the first fundamental 
band is thought to correspond to the passage of an electron from the halide ion 
into an orbital defined by the field of those ions surrounding the excited ion. 
Similarly, electrons in negative ion vacancies (F-centres) are held in orbitals defined 
by the ions around the vacancy.13’ 14 These theories, which have met with great 
success in accounting for the optical and magnetic behaviour of crystals, may be 
extended to the case of ions in solution (see § 2 (iii)). This has been done by 
Platzman and Franck 2 to describe the excited state for aqueous halide ions, and 
also forms the basis of the theory proposed here. The two approaches differ only 
in the detailed method chosen to describe the energy of the excited electron. 
Platzman and Franck2 treat the medium as a continuous dielectric and use a 
simplified model based on the hydrogen atom in order to arrive at the following 
expression for the energy of light absorption, Emax.:
It has not been found possible to explain any of the results described in part 1 by 
the use of this expression. The only terms which are significantly temperature 
dependent are AHfon and /xg, whilst those which are solvent dependent are AHfon, 
jxs and fi0p. Variations in fiop for the solvents used1 cannot possibly account 
for the observed changes in Emax. Variations in jxs are large, but do not follow 
the trends recorded. Thus the shift for methanol and methyl cyanide are in op­
posite directions relative to water, but /jls changes in the same sense and by about 
the same amount for these solvents. Again, in so far as the values for AHfon 
given in standard texts are reliable, the shifts observed are far larger than the 
changes in AHfon, and there is no parallel, even qualitatively, between the relative 
direction of the shifts and the changes in AHfQn- Increase in temperature results 
always in a decrease in fxs but again the changes are not sufficient to account for 
the large shifts recorded. The temperature coefficient for AHfon is only known 
with any certainty for water, and in this case AH/on increases with increase in 
temperature. If this effect were important there would be a consequent shift to 
shorter wavelengths rather than the shift to longer wavelengths observed.
We consider that the model proposed by Platzman and Franck fails primarily 
because the effect of the first solvation layer is ignored. The mean distance of 
the electron from the centre is estimated as 5-8 A, which would place it close to 
the lone-pair electrons of the first-layer water molecules. This seems unlikely 
and would correspond to placing the excited electron in a crystal largely on the 
first shell of negative ions.
The alternative model which we propose represents the other extreme, since 
we suggest that, to a first approximation, the excited electron is retained by the 
first layer of oriented solvent molecules, and we use the simple “ electron in a 
box ” theory to describe this state.
where
- E m a x  =  I.P. +  AHfon +  g2(l /fJiop  -  1 //*s)2/2rion “  AH 
Ee = ime47rVr2(l/fi0p — 1 //a)2,
: o m
and l)dr/ l67Tfiopr
M . SM IT H  A N D  M . C . R . SY M O N S 3 4 9
In the following diagram (a) this process is represented and may be compared 
with (b), which resembles the theory postulated by Connick e t a/ . 8 (see § 4 (i)).
From values for the heats of formation of iodide ions and electrons in liquid 
ammonia, 15 Connick e t a l.s estimate AH  =  109-3 kcal/mole for reaction (c)
each species being at equilibrium with the solvent. They compare this figure 
with the measured value of 112-4 kcal for EmSLX 16 and hence, by comparing pro­
cesses (b) and (c), conclude that the difference, 2-9 kcal, represents the energy 
needed to orient the solvent molecules around the iodine atom in (b). This value 
is clearly far too small because the heat of solvation for 1“ in ammonia is about 
77 kcal. However, if process {a) be adopted this difficulty is overcome since the 
solvent cavity, already preformed around the iodide ion, will still experience, in 
the excited state, the effect of a net negative charge at the centre of the cavity, 
and hence the total energy of the transition should be close to that for reaction 
(c), as is in fact the case. There are two reasons why it is thought that this model 
will result in a separation of the electron from iodine sufficiently great to result 
in the momentary formation of an iodine atom. The first is that we propose 
that the average distance of the solvent molecules in the first layer is, at room 
temperature, considerably greater than is normally postulated, and the second, 
that if an iodine atom is formed, there will be a marked shrinkage of the outer 
shell of electrons. The accepted values for the radii of iodide ions and iodine 
atoms are 2-16 A and 1-3 A respectively. This contraction will leave a large 
free space for the electron, and the presence of the iodine atom in the centre of a 
cavity now primarily concerned with the excited electron should make very little 
difference to the energy of this electron.
If the excited electron is confined to the solvent cavity then it is possible that 
a simple square-well approximation might given some idea of the energy of this 
system. Ideally, it would be desirable to construct a well whose depth reflected 
the energy required to eject an electron totally from the solvent cavity. Since 
this energy is not known we make the approximation that the walls are infinitely 
high. Provided the energy of the first level in the well is much less than its actual 
depth this approximation should not make much difference. Pictorially the 
retaining force may be thought of as the repulsion exerted on the excited electron 
either by the outer electrons of the solvent molecules, or by the outer sphere of 
negative charges on the solvent shell.
@ I od ide  ion  in so lv e n t  c ov i t y Io d in e  o t o m  + e l e c t r o n  in s a m e  c a v i t yhi |  (b)
G 3  i - 6 3 + G3> G 3
I o d i n e  a t o m  in o r i g in a l  c av i t y E le c t r on  i n ne w  cav i t y .
Iodide ion in Iodine atom +  electron
solvent cavity in same cavity
Iodine atom in original cavity Electron in new cavity.
(c)
5. S quare-w ell  approxim atio n
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Starting with the general equation for an electron in a spherical w ell17
d2,y 1(1  +  l)s 87t2wi A. /•< 1%
 ------  + ~ W ( E ~  ^  =  °> ^
putting V  =  oo for r >  rQ, and V  =  0 for r  <  rQ, when rQ is the radius of the 
well, and substituting in eqn. (5.1) gives for the ground state (1= 0),
£  =  h2/8m r02. (5.2)
The energy for the observed transitions may then be estimated from the 
following hypothetical cycle (for iodide ion in water)
I -  (H20)* (U20 )x +  I- gas (H20)* +  I* gas +  e gas
nax. I ^ 3
(I* +  e) (H20)* I-(H20)* +  e gas,
£m ax ~  £ l  +  £ 2  +  £ 3  +  £ 4  »
where (H20 )JC represents the solvent cavity composed of oriented molecules, 
I*(H20 )x an iodine atom inside the cavity, and (I* +  e)(H20)* an iodine atom 
and an electron inside the same cavity.
£ 1  is the energy required to remove an iodide ion from the solvent, leaving 
the cavity intact, and £ 2 is the ionization potential of iodide. £ 3, the energy 
required to place an iodine atom inside the original cavity, should be relatively 
small. £ 4  is the energy required to place the electron into the lowest energy 
orbital of the cavity. This will be equal to the energy value given by (5.2) together 
with a term representing the decrease in energy which will result because the cavity 
once more contains a negative charge. Since this charge is pictured as extending 
no further than the protons of the primary solvent shell, the situation is, from 
an electrostatic viewpoint, very much as it was at the start. That is to say, the 
electron, like the iodide ion, will attract and polarize the solvent in the same 
way as would a point negative charge at the centre of the cavity. Certainly, to 
any solvent molecule outside the cavity there will apparently have been no change 
during the process of light absorption. To a first approximation, this will still 
be true of the primary solvent shell, provided the orbit of the excited electron 
does not penetrate too far into the first shell of solvent molecules. These solvent 
molecules will not now be in their equilibrium positions, and might proceed to 
relax inwards or outwards depending upon the balance of energies. This relaxa­
tion, however, will not affect the transition, since it will require several vibration 
periods and therefore we may write
£ 4  =  —E\  +  h2l8m r02 , (5.3)
Setting £ 3 = 0  and substituting in (6) gives
£m ax. =  I.P. +  A2/8 lW02 - (5.4)
and dEmaxJdT =  — A2/4mro3 (d/'o/dT1) . (5.5)
Numerical values for ro obtained from eqn. (5.4) can have only qualitative sig­
nificance because of the many approximations made. Nevertheless, taking I.P. =  
25,300 cm-1, and £ m a x. =  43,000 cm- 1  (for aqueous iodide at 25°) gives r0 == 3-9 A .  
This value is significantly less than the value for the mean distance of the electron 
from the centre given by Platzman and Franck 2 (5.8 A ) ,  but is probably too large 
to fit in exactly with the physical picture of the well suggested here. Energy 
differences, however, with which we are primarily concerned, should give values 
for changes in the cavity radius which are subject to less uncertainty since several 
of the factors neglected in this treatment may be eliminated.
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6. S uitability  of the  model
This model must be tested by seeing how it fits in with the results of part 1.
(i) An increase in temperature must result in an increase in the effective radius 
of the solvent shell, provided that there is no change in the average number of 
solvent molecules contributing to this shell. Hence dro/dE must be positive and, 
therefore, from (5.5), dEmax./dE must be negative. This is true for solvated 
iodide ions, 1 and is also found for the first iodide band in crystals. 18 The results 
for iodide in water when used in eqn. (5.4) show that for a 50° rise in temperature,
increases by 0-1 A.
A further check of the suitability of this model arises from eqn. (5.5), since 
for a given solvent, dEmax./d r is approximately a constant (X) . 1 Hence
dro/dT =  K(4mr0W ) , (6.1)
whence ro =  (D  — 8mKT/h2)~%, (6.2)
where D  is a constant. This may be expanded in powers of T and is thus of 
the same form as expressions which give the thermal expansion of alkali-halide 
crystals. In view of the comments made earlier (§ 2 (iii)), it is concluded that 
this behaviour is quite reasonable. -
The decrease in e m a x . ,  and the increase in band width which occur when the 
temperature is raised may be understood in terms of the proposed model as being 
a consequence of the increase in the breathing vibrations of the cavity with in­
crease in temperature. Values for e m a x .  and band widths in different solvents will 
depend in part upon the relative shapes of the configurational co-ordinate curves 
for the ground state and the excited state, neither of which are known. There­
fore no attempt will be made to draw any conclusions from the results.
(ii) The fact that different solvents give, at a given temperature, different 
values for .Emax., reflects, on our model, a difference in cavity size. Further, the 
fact that, at a given temperature, dXmax./dE increases as Emax. decreases, suggests 
that the fundamental difference is not one of size but of the way in which the cavity 
expands with increase in temperature. Our crude pictorial representation suggests 
that at 0° K the great variation in Emax. for different solvents might largely vanish, 
since the effective radius of the cavity would then be approximately equal to that 
of the ion. Calling this value Emax.(0 ), and setting dEmaxJdT — K, one gets
Emax. — KT -j- Emax.(0) (6.3)
for a given cavity. For two solvents (1) and (2)
Emax.(l) -  Emax.(2 ) =  E(Ei -  K2). (6.4)
Hence a plot of dEmaxJdT against Emax. for a given temperature T should give a 
straight line of slope T. - .
Fig. 1 gives such a plot for pure solvents at 20°. The line has been arbitrarily 
drawn with a slope equal to the temperature. Apart from the value for ethyl 
cyanide, deviations from this line are small, showing that the model is consistent 
with the results: Since dEmax:/dT for ethyl cyanide is not strictly constant (fig. 3 
of part 1), it should not be considered in this context. Points for mixed solvents
lie well off the line (fig. 7 of ref. (3)). These deviations almost certainly arise be­
cause of a change in the composition of the solvent shell at different temperatures. 
In all cases they are such that, as the temperature increases, so the marked curvature 
of the plots of Emax. for solvent +  water mixtures1 diminishes, and the deviations 
from eqn. (6.4) diminish.
The extrapolated value for Emax. in any solvent at 0° K based on this simple 
picture is 134-5 ±  1 kcal. This is greater than any yet measured for iodide in 
solution, and should be compared with the value of 135-3 kcal obtained by 
Fesefeldt18 for crystalline KI at 20° K. It is interesting to note that dEmax./dr
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is a constant for crystalline KI over the temperature range 20°-470° K, giving 
cfEmax./d T  =  21 cal/deg For comparative purposes, this has been included in fig. 1.
While these points in no sense prove the model to be correct, it would appear 
to be self-consistent and may accordingly be used for the tentative interpretation 
of the results recorded. 1 This has been done in detail elsewhere.3
134
13?
1 3 0
MeOH
128
126
2 124
o
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120
MeCN
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4Emax/dT cal/deg.
Fig. 1.—.Emax. (kcal, 20°) against dEmaxJdT  (cal/deg.) for iodide in pure solvents. 
(a) KI crystals; 18 (b) aqueous NaCl (0-67 m ); (c) aqueous NaGl (0-22 m).
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Radicals permanently occluded in solid aggregates during polymerization have been 
studied by electron spin resonance. Of the simple vinyl monomers used, acrylonitrile 
was found to produce a concentration of occluded radicals some hundred-fold greater 
than methacrylonitrile or methylmethacrylate. No occluded radicals were detected in 
polystyrene, polyvinylbromide or polyvinylidene chloride. The pattern of hyperfine 
lines observed for polymethylmethacrylate and polymethacrylonitrile radicals differs from 
that expected for the normal propagating radicals and also from that found for radicals 
trapped in frozen solutions of hydrogen peroxide dissolved in the respective monomers, 
after irradiation with ultra-violet light. Reasons for this difference are advanced. The 
effect of oxygen, solvent and heat on polyacrylonitrile radicals is reported.
Kinetic studies have indicated that when radical-initiated polymerization of 
vinyl monomers proceeds under conditions such that solid polymer separates, 
the rate of chain termination is decreased, and it has been postulated that this 
happens because polymer radicals occasionally become occluded in the solid and 
are thus less accessible to other growing polymer radicals than during homo­
geneous polymerization.1- 2 In particular for acrylonitrile in the absence of 
solvent, this kinetic effect is accompanied by a phenomenon in which the pre­
cipitated polymer acts as an initiator for further polymerization when warmed 
from room temperature to about 60° C. Bamford and Jenkins 1 have success­
fully accounted for these and other features Of heterogeneous polymerization by 
postulating that, occasionally, permanent occlusion occurs, giving rise to trapped 
radicals which are able to interact further with monomer at a higher temperature. 
They estimated the concentration of these radicals by measuring their interaction 
with a solution of diphenylpicrylhydrazyl (D.P.P.H.) 3 and this value was con­
firmed within an order of magnitude by electron resonance measurement.4
The purpose of this work Was to study occluded radicals by electron resonance 
methods with a view to learning more about their structure and the conditions 
under which permanent occlusion occurs for a variety of vinyl monomers.
In studies of radicals formed by high-energy degradation of polymers, hyper­
fine structure has often been observed.5- 6 Since these spectra are often very 
similar to those reported in this paper details are included in table 1. Also in­
cluded are details of the electron resonance spectra of polymer radicals trapped 
in cross-linked polymers after gelation has occurred.7
EXPERIM ENTAL
MATERIALS
Vinyl monomers were purified by repeated extraction with dilute aqueous solutions 
of sodium hydroxide, washing with purified water and, after drying, distillation under a 
reduced pressure of nitrogen. Hydrogen peroxide (90 % unstabilized) was kindly supplied 
by Laporte Chemicals Ltd.
PREPARATION OF POLYMERS
The catalysts used included diterL-butyl peroxide, iert.-butyl hydroperoxide, hydrogen 
peroxide and azo6«(«obutyronitrile): the results obtained were independent of the nature
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or concentration of catalyst. Mixtures of catalyst, monomer and solvent (when necessary 
to effect precipitation) were degassed in the normal way on a standard vacuum line at 
less than 10-4 mm pressure. The solutions were sealed under vacuum in pyrex tubes 
designed to fit directly into the microwave resonant cavity, and were photopolymerized 
whilst immersed in a thermostat, by exposure either to diffuse sunlight or to 3650 A light 
from a 250 W medium pressure mercury arc focussed on the tube by means of a 10 in. 
aluminized mirror or a large quartz lens. Light of wavelength less than 3650 A was 
absorbed by a soda-glass plate, and infra-red radiation was filtered out by means of an 
aqueous solution of copper sulphate. Despite these precautions a slight yellow coloration 
sometimes developed in the solid polymer after several hours’ irradiation and polyvinyl 
bromide invariably turned yellow during photolysis. When this occurred with poly- 
acrylonitrile the electron resonance absorption was noticeably less than usual.
H H lOO Gauss
 ,— -------------------------- >
< r~ ------------»  ' < — -------------- ■   ■>
lOO  Gauss lO O  Gauss'
F ig. 1.—Electron resonance spectra of occluded polymer radicals. 
a, polyacrylonitrile; b, polymethylmethacrylate; c, polymethacrylonitrile.
Acrylonitrile and vinylidene chloride yielded polymers which were insoluble in the 
monomer. Of the remaining monomers, methylmethacrylate and methacrylonitrile gave 
somewhat swollen precipitates from solution in hexane (50 %) and polystyrene slowly 
separated from solutions of the monomer in absolute methanol (90 %). In these cases, 
and in experiments when an appreciable quantity of monomer remained, solvent and 
residual monomer were removed by immersing a side arm in liquid oxygen and removing 
at a constriction, prior to measurement. In all experiments the samples rapidly became 
opaque thus lowering the efficiency of photolysis. .
The effect of oxygen at room temperature on polyacrylonitrile was observed by opening 
the tube in situ and rapidly and continuously sweeping the magnetic field through the 
resonance value. For measurements at lower temperatures the open tube was held for 
a measured period in a thermostat and quenched in liquid oxygen prior to measurement 
in a cooled cavity.8
In order to study the effect of solvent on the concentration of polyacrylonitrile radicals, 
residual monomer was first removed, and then degassed dimethylformamide was admitted 
to the solid polymer. Solution was never complete but was partially effected by keeping 
the system at 60° for several hours.
LO W  TEMPERATURE PHOTOLYSIS
The technique was similar to that described before.8 Emulsions of hydrogen peroxide 
(10-1 M) in the pure monomers gave opaque, partially crystalline solids when rapidly 
cooled in liquid oxygen. However, irradiation for several hours invariably resulted in 
the formation of a high concentration of trapped radicals, and the addition of small 
quantities of phosphoric acid to give clear glasses did not markedly increase the yield.
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In most cases the presence of phosphoric acid caused a marked broadening of individual 
hyperfine lines, but the signal from acrylonitrile seemed to be slightly better resolved when 
phosphoric acid was added.
ELECTRON RESONANCE MEASUREMENTS
These were made either at room temperature or 90° K as described previously.8 In 
some cases (fig. l(c)-2(a)(6)) an electronic sweep unit with a non-linear time base was 
used which resulted in a slight distortion of the resonance signal in the low-field region. 
Allowance was made for this when the results quoted in table 1 were estimated.
RESULTS
The results, together with those obtained by others are summarized in table 1.
EFFECT OF EXPERIMENTAL CO NDITIONS O N  THE CO NCENTRATION OF POLYMER RADICALS
In no instance, when polymerization proceeded homogeneously could any radicals 
be detected. The concentration of polymer radicals was so small except for polyacrylo­
nitrile that only this polymer was used for quantitative studies.
T a b l e  1
D e t a i l s  o f  e l e c t r o n  r e s o n a n c e  s p e c t r a  i n  m o n o m e r  a n d  p o l y m e r  r a d i c a l s
monomer fig. no.
method of  
formation no. o f radicals per ml
3-5 x 1017
Hjf splitting or 
no. o f  lines halfwidth* ref.
acrylonitrile Ka)
o f radicals
A 1
(gauss)
2 8*
2(a) B 1019 (? see fig.) 28* —
methyl- m A (from 1015 5 t 21 —
methacrylate 2(b)
hexane)
B 1019 6 20
methacylo- 1(c)
C
D
A( from
1017
-  6 X 1016 
6 x 1017 
1015
5J
5t
5J
22-5  5  
19
and
7
nitrile 2(c)
hexane)
B 1019 6 18
acrylic acid — C — 3 — 6
glycoldiacrylate — D — 3 — ' 7
divinyl benzene — D — 1 or 3 — 7
vinyl alcohol — C — 3 34 6
vinyl chloride . — C — 1 — 6
vinylidene
chloride A 1019 no absorption
vinyl bromide
B
. A
1 broad linef 
no absorption _ _
— B 1019 1 broad linef — —
styrene — A — no absorption — —
■ — B 1017 1 broad linef — —
— C 3 x 1015 3 17 5
A, radicals occluded in precipitated polymer;
B, radicals trapped in low temperature glass;
C, y or X-ray irradiated polymer;
D, radicals trapped in a cross-linked polymer gel. 
t  evidence of poorly resolved hyperfine lines;
X 4 subsidiary lines or shoulders halfway between the main lines.
Radical concentrations were estimated by comparing the derivative tracings with those 
from standard carbons diluted with pure calcium carbonate to give similar conditions. 
The carbons had previously been calibrated with D.P.P.H. Relative concentrations are 
probably accurate to about 2 % but absolute concentrations may be in error by as much 
as 50 %.
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The effect of changing the rate of initiation was qualitatively similar to that observed 
by Bamford and Jenkins.1. 3 Thus the concentration of occluded radicals was slightly 
increased when more intense radiation was used. However, no resonance was detected 
in polymers when an intense, unfiltered beam from the 250 W mercury arc was focussed 
on the specimen by means of the aluminized mirror.
ICO Geus
1 0 0  Gauss
100
Gauss
H
F ig .  2 .— E le c tro n  reso n a n ce  sp ectra  o f  m o n o m e r  ra d ica ls  tra p p ed  in  a  g la ss  a t 90° A .  
a ,  a c r y lo n itr ile ; b , m e th y lm e th a cry la te ; c , m eth a cry lo n itr ile .
O
O
O
IQ
F i g . 3.—Oxygen effect on aciylonitrile radicals at room temperature 
(initial concentration of radicals equals 3-5 x 1017 radicals/g.).
When monomer-free polymer was heated to 60° for a prolonged time there was no 
decrease in the intensity of absorption. If, however, acrylonitrile was polymerized at 
60° the radical concentraton was greatly reduced though not completely lost, as shown 
below:
acrylonitrile polymerized at 20°, relative concentration of radicals 8 ;
40° <.99 99 9 99 99 99 ^  9
J .  99 5 99 99 55 2 .
This decrease in concentration is less than expected in view of the results of Bamford and 
Jenkins.
D . J . E . IN G R A M , M . C . R . SY M O N S A N D  M . G . T O W N S E N D  4 1 3
When the polymer was warmed with dimethylformamide the resonance was completely 
lost.
The effect of oxygen at room temperature on polyacrylonitrile radicals is shown in 
fig. 3. After 24 h, no resonance could be detected. At — 10° C the loss of absorption 
was similar but below — 50° no change was detected after 24 h. Oxygen also destroyed 
he absorption found in other polymers.
LOW-TEMPERATURE GLASSES
In all cases the intense absorption was lost as soon as the glass became fluid on warming. 
Striking confirmation of the presence of radicals in the acrylonitrile glass was obtained 
when it was observed that flocculent polymer rapidly separated as soon as the photolyzed 
glass softened.
DISCUSSION
RELATIVE CONCENTRATION OF OCCLUDED RADICALS
Our estimate of 3-5 ±  0-5 x 1017 radicals per ml of acrylonitrile polymerized 
is somewhat larger than the value of 5 x 1016 estimated by Bamford and Jenkins 3 
using D.P.P.H. Similar conditions were used in these experiments and we con­
sider that the difference lies in the use of D.P.P.H. as a scavenger. The estimate 
could be low both because the large size of the D.P.P.H. molecule prevented inter­
action with some polymer radicals and possibly because more than one polymer 
radical was removed by one molecule of D.P.P.H.
It is surprising that polyacrylonitrile should be so much more efficient at 
occluding radicals than any of the other compounds studied. In particular, 
Bengough and Norrish 2 have shown that the polymerization of vinylidene chloride 
is accompanied by a kinetic acceleration similar to that found with acrylonitrile. 
This suggests that radical occlusion is occurring, but our results show that, in 
contrast with acrylonitrile, this is only a temporary effect, even when polymeriz­
ation occurs at 0° C. In contrast, Grassie and Vance 4 find no kinetic acceleration 
during the heterogeneous polymerization of methacrylonitrile, which results in 
the formation of a highly swollen precipitate, and yet we have clear evidence that 
some permanent occlusion occurs. We are not able to offer any consistent 
explanation for these differences, but think that they must be closely related to 
the precise configurations of the polymer chains and possibly to the ease of chain 
transfer to polymer and to monomer.
Failure to observe a spectrum from these polymers does not necessarily mean 
that radicals are not present since the absorption may, for a variety of reasons, 
be broadened beyond detection. However, since the absorption for irradiated 
vinylidene chloride +  hydrogen peroxide glass is not unduly broad there seems 
no reason why the polymer radical should not also be readily detected.
STRUCTURE OF RADICALS
Using the arguments presented earlier 8 we expect a strong interaction between 
the unpaired electron and a- or /3-hydrogens only. On this basis, the six hyper­
fine (Hjf) lines found for the irradiated monomer +  hydrogen peroxide solutions 
(fig. 2 b and 2 c) must come from five nearly equivalent hydrogens and we accordingly 
formulate the radicals as (R=OH, X=CN  or CO2CH3) :
R C H 2C C H 3.
| (1) 
X
There do not seem to be any other reasonable possibilities. The lines are con­
siderably broader for methacrylonitrile than for methylmethacrylate: this is 
also true for the polymer radicals and probably arises because of interaction be­
tween the unpaired electron and the nitrogen nucleus. Such interaction should
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split each line into three equal lines, but the splitting must be too small to be 
resolved under the conditions used.
Since the occluded polymer radicals would be expected to possess a structure 
very similar to that of the monomer radical (i.e. (1), with R representing the polymer 
chain), one might have anticipated that a sextet would be recorded. In fact, a 
distinctive spectrum appears, which consists of five strong lines, with four smaller 
lines appearing halfway between each line of the quintet. This spectrum is 
identical with that found for X- and y-irradiated perspex,5- 6 and any explanation 
for this pattern must be capable of accounting for this fact. As yet, no satis­
factory explanation has been put forward.10
Two alternatives present themselves, (i) that the radicals obtained from the 
polymer do not possess the expected structure (1) for a normal propagating 
radical, and (ii) that structure (1) is correct, but that for some reason either one 
or two of the five /3-hydrogens fail to interact strongly with the unpaired electron. 
These alternatives will be considered in turn.
(i) The other possible propagating radical,
is energetically unlikely, and should give rise to a triplet. Another possibility is 
that the radicals are not occluded in the manner postulated,1 but are formed by 
chain transfer with solid polymer.2 However, we have endeavoured to cover all 
possibilities, and have not succeeded in formulating any radical which should 
give either five or four lines.
(ii) If structure (1) be accepted, then some reason for the greatly decreased 
interaction of one or two of the five /3-hydrogens must be found. It is unlikely 
that the symmetrical interaction of the methyl hydrogens is destroyed, and we 
prefer to postulate that one or both of the methylene hydrogens fails to interact. 
The main difference between the methylene group in the monomer and polymer 
radicals is that in the latter, rotation will be very greatly inhibited by the precise 
steric requirements of the crowded polymer chain. It is exceptionally difficult 
to construct models of these radicals and there seems little doubt that only certain 
conformations are possible at normal temperatures. If this is true then it is 
only possible for one of the two hydrogens to interact normally with the unpaired 
electron, and for certain conformations neither will interact strongly. This may 
be seen by a consideration of formulae (3). In this representation of radical (1)
the plane containing the methylene carbon, the trigonally hybridized carbon 
carrying the unpaired electron, and the methyl and cyanide or carbomethoxy 
groups is pictured as being perpendicular to the plane of the paper. As shown, 
hyperconjugative-overlap between the p-orbital of the unpaired electron and H1 
will be normal, but overlap with H2 will be very small. Such a structure should 
therefore give rise to a quintet. If H1 and H2 be interchanged no difference should
CH3
R C—CH2' (2)
X
Hi
CH3 H1
CH3...............
(a) H2///
\
NR
X e D IR E C T IO NOF V IEW™ (3)
X (b) R
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result, but if H1 and R be interchanged then neither hydrogen will interact strongly 
and a quartet only will be observed. If one postulates that structures of the former 
type are more probable than the latter then the recorded spectrum is explained.
It is significant that polyglycoldiacrylate gel7 and y-irradiated polyacrylic acid 
and vinyl alcohol6 (table 1) all give a triplet rather than a quartet. Possibly a 
similar restriction to rotation is present thus effectively removing one of the 
methylene hydrogens.
Even if this explanation is true for occluded polymer radicals it is not obvious 
why this is the only radical which should be detected after high-energy bombard­
ment of the polymer. It is usually assumed that carbon-carbon bonds are broken 
during irradiation, in which case two different radicals should result. However, 
the energy required for this is very much less than the radiation energy and it is 
probable that the resulting “ hot ” radicals would depolymerize to some extent. 
In that case, all that is required is that one monomer molecule should add back 
on to the reactive radical (2) to give the more stable radical (1). Then the net 
result would be the formation of a pair of radicals having structure (1). In its 
simplest form this can be represented as follows:
CH3 CH3 CH3 (2) CH3
I I , I I
RCH2C—CH2—CR' — ------- > RCH2C—CH2- +  -C—R'
I I I I
X X X X
c h 3 I  c h 3
I I
RCH2—CH2—G- (1) «— ------  r c h 2* +  c = c h 2
I I
X X
The remarkable lack of structure in the spectrum for polyacrylonitrile may 
be the result of certain coincidences whereby the interactions from the /3-hydrogens, 
the a-hydrogen, and the nitrogen are all different but significant. (The interaction 
with nitrogen is expected to be somewhat larger than in the radicals having an 
a-methyl group). The spectrum for the low-temperature glass shows signs of 
fine structure, but the individual lines are still too broad for an accurate analysis 
to be made.
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MECHANISMS FOR CARBON-HYDROGEN BOND BREAKAGE
' ' : • ' • By E. S. L e w is , B.S./M.A., Ph.D.
( D e p a r t m e n t  o e  C h e m i s t r y ,  T h e  R i c e  I n s t i t u t e ,  H o u s t o n ,  T e x a s )
' • : : and M. C. R. S y m o n s , Ph.D.
■ ■ ( D e p a r t m e n t  o e  C h e m i s t r y ,  T h e  U n i v e r s i t y ,  S o u t h a m p t o n )
The purpose of this Review is to present a variety of reactions involving the 
breaking of C-H bonds in terms of the available mechanisms, with stress 
upon their interrelation and the reasons for the predominance of certain 
mechanisms. We do not aim to cover all the recent examples of reactions 
in which C-H bonds “are broken ; instead, we select pertinent examples.
The comprehensive scheme below is intended for classification rather 
than absolute representation of mechanism.
A. Unassisted breakage. ; ;
B. Assisted breakage.
1 . Attack by nucleophilic reagents on carbon.
2. Attack by nucleophilic reagents on hydrogen. . . . . . . . . . . . .
, h-, p 3. Attack by radical reagents on carbon.
4. Attack by radical reagents on hydrogen. •
5. Attack by electrophilic reagents on carbon.,;
6 . Attack by electrophilic reagents on hydrogen.
7. Unimolecular reactions with intramolecular assistance. u
Any classification of this sort is inevitably somewhat arbitrary, and it is 
possible to list many reactions under more than one heading. This diffi­
culty arises in part because reactions in solution are often co-operative in 
nature. Thus the pairs of reactions considered in sections B l and B6 , 
B2 and B5, B3 and B4, are complementary and it is often merely prefer­
ence which stage in the reaction is used -for the classification. We focus 
attention on that part of a reaction sequence in which the C-H bond is 
broken, although this stage in an over-all reaction is not necessarily the
slowest or most significant, with the belief that this approach will prove
fruitful. . '
A. Unassisted breakage
Unassisted'heterolysis does not seem to occur (see sections B l and B5). 
Unassisted homolysis of C-H bonds, by heat or on ultraviolet irradiation, is 
very rare, since organic molecules usually contain weaker bonds which are 
broken preferentially.
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Probable examples of direct photochemical cleavage are :
h v
CH20 —> HCO + H- . . • (1) 1
h v
and CH3-CH=CH2 —► -CH2-CH=CH2 +  H- . . (2) 2
and an example of pyrolysis is :
5 0 0 °
CH3-CH2* —> CH2= C H 2 +  H* . . . (3) 3
Reaction (3) is favoured by the formation of a new bond and by the fact 
that the starting material is itself a highly reactive radical.
However, this is not a characteristic behaviour of ethyl radicals in the 
liquid phase below 1 0 0°,4 and there is good evidence that the reverse occurs 
readily at room temperature.5 The conclusion that reaction (3), which is 
extremely favoured compared with, say, (1) or (2 ), occurs only at high 
temperature {e.g., 500°) will be important in later discussion (section B3).
B. Assisted breakage
Bl. Attack by Nucleophilic Reagents on Carbon.—
B:“ + C-H - >  B - C + H -
Since the hydride ion is an extremely powerful base, its conjugate acid 
being the hydrogen molecule, this reaction as written would appear improb­
able in the absence of a reagent able to react with the hydride ion, and no 
authentic examples of its occurrence have been found. However, as soon 
as one allows under this heading reactions in which H " never appears as 
such, many proposed mechanisms including this step can be quoted, nearly 
all involving displacement of H~ from aromatic nuclei. This specificity 
may be understood if it is postulated that an intermediate must be formed, 
having a life long enough to give it a reasonable chance of colliding favour­
ably with that reagent which reacts with the “ hydride ion ” . For example, 
the reaction :
0 + k h >' -  ( X + h "  (4)
-  ; h -  n h 3 h 2 +  n h 2-
could be written in the form :
1 Steacie, “ Atomic and Free Radical Reactions ”, Reinhold, New York, 2nd edn., 
1954, p. 275.
2 Lossing, Marsden, and Farmer, Ganad. J. Chem., 1956, 34, 701.
J 3 Rice and Herzfeld, J. Amer. Chem. Soc., 1934, 56, 284.
; 4 Smidt, Rembaum, and Szwarc, ibid., 1956, 78, 3315.
5 Melville and Robb, Proc. Roy. Soc., 1949, A, 196, 494; Bradley, Melville, and 
Robb, ibid., 1956, A, 236, 454, 446.
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: I f  formulation (5) is accepted, the net reaction is clearly a result of co­
operation between the nucleophilic amide ion and the ammonia molecule 
acting as an electrophile. Indeed, provided that the life of intermediate
(I) is sufficiently long, then the actual C-H bond-breaking process is strictly 
the result of an electrophilic attack on hydrogen. [A possible alternative 
route for the conversion of complex (I) into the products involves a cyclic 
intermediate and is properly considered under section B7.]
A reaction which comes close to  the extreme of actual displacement of 
H -  is that described by Ziegler and Zeiser.6 An adduct is readily isolated,
+  c 4 h - l , +
N
H
'N  C4 H 9 . Li .........(6)
(n)
and when the mixture is heated lithium hydride is precipitated. Although 
the structure of this adduct is not established, it seems reasonable to for­
mulate it as (II) ; the C-H bond-breaking process may then be represented 
as resulting from an electrophilic attack on H by Li+. (Covalent bonding 
in the LiH molecule should be considerable, although the crystalline solid 
is essentially ionic.) ,
Although $n2 displacement of H~ in saturated aliphatic systems is not 
found, there are systems analogous to those discussed above in which cer­
tain intermediates exhibit a strong tendency to donate H _. Thus, just as 
the intermediates (I) or (II) are powerful H _ donors, so also are the follow­
ing ions, which tend to lose H _, according to the equations :
CH3-CH2“ - >  CHa= C H 2 + H“
R2CHO~ —> Rachel ; -
r -c h o 22~  - >  r -c o 2-  4  h ~
I t  is unlikely that free hydride ion, H~, is lost from any of these inter­
mediates, and their reactions are properly considered under section B6 . 
For example, Grignard reagents containing hydrogen may effect reduction 
rather than alkylation,7 and the Cannizzaro reaction probably proceeds by 
transfer of H~ from B ’CIiOg2 - .8
That alkoxide ions are reducing agents is well known. Since alkali 
hydrides dissolve unchanged in molten alkali, it might be thought that the 
dissolution of an alcohol in molten alkali would result in loss of H_, which 
would then be unable to react with the medium. However, the resulting 
aldehyde or ketone would readily lose a proton, and the resulting Water 
molecule or another aldehyde or ketone molecule could be pictured as 
reacting with H~ to give hydrogen. In fact, if ethanol vapour is passed 
through molten alkali at 250—300° hydrogen is evolved, although acetal- 
dehyde, which is almost certainly the initial product, is further decomposed.9
6 Ziegler and Zeiser, Ber., 1930, 63, 1847.
7 W hitmore, W hitaker, Mosher, Breivik, W heeler, Miner, Sutherland, W agner, 
Clapper, Lewis, Luse, and Popkin, J . Am er. Chem. Soc., 1941, 63, 643.
8 H am m ett, “ Physical Organic C hem istry” , McGraw-Hill Co., N ew  York, 1940, 
p. 351. 8 F ry and Schulze, J . Amer. Chem< Soc., 1926, 48, 958.
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Once again, however, it is not necessary to formulate the reaction in such 
a way as to involve free hydride ion, an alternative representation being the 
direct extrusion of molecular hydrogen from the ethoxide ion, a mechanism 
which should be considered under section B7. ■ v m --
An interesting example of competition between nucleophilic attack on 
carbon and on hydrogen is to be found by comparing the reaction between 
w-butyl-lithium and pyridine, resulting in alkylatiom (reaction 3), and 
9 -ethylcarbazole, resulting in metallation (reaction 7).
Q f N~lQ + c<H|° " r   (7) -
This difference in reactivity is caused mainly by the far greater suscep­
tibility of the pyridine ring to nucleophilic attack..
B2. Attack by Nucleophilic Reagents on Hydrogen.—Nucleophilic attack 
on hydrogen bonded to carbon is the most common C-H bond-breakage in 
organic chemical practice. Nucleophilic attack on hydrogen is an acid-base 
reaction in Bronsted’s sense, but most of the reactions of hydrogen bonded to 
carbon differ from those of familiar acids in that they are perceptibly slow 
and have activation energy. A substance with a hydrogen atom on carbon 
susceptible to nucleophilic attack is then an example of a “ pseudo-acid ” 10 
or a secondary acid.11
Reaction (8 ) of an ordinary hydrocarbon requires an exceedingly strong 
base. With saturated hydrocarbons equilibria of the form (8 ) can be detected
. RgCII + B“ RgCT + H B  . . . (8)
with an organosodium compound as the base B~, but values of the equili­
brium constants are not known. „ Observations on the extent of the metalla­
tion with pentylsodium 12 show that the ease of ionisation of the benzyl- 
hydrogen atom falls in the order Ph’CHg >  Ph*CH2R >  Ph*CH(CHg)2, 
that is, in the order expected from the inductive effect of the alkyl group. 
Thus the formation of carbanions is affected in the opposite way to the 
formation of carbonium ions by alkyl groups. I t  is not known whether 
experiments of this sort are subject to equilibrium or to kinetic control. 
With hydrogen attached to an unsaturated carbon atom,, the order of 
decreasing ease of ionisation is C =C -H  >  C=C-H  >  -C-H. This effect 
of the change in the hybridisation of the bond on the acidity has been 
discussed by Mullikan.13 Doubtless the reactions of terminal acetylenes 
under basic conditions often have ionisation as the initial step, and the 
familiar preparation of acetylenic Grignard reagents by reaction of acetylenes 
with saturated Grignard reagents is also a reaction of this type. Proton- 
transfer from the sj»2-hybridised carbon atom is illustrated by the metalla­
tion of aromatic compounds and olefins with alkyl-lithium, a reaction of
10 Hantzsch and Schulfcze, Per., 1896, 29, 2251.
11 Lewis and Seaborg, J. Amer. Chem. Soc., 1939, 61, 1886.
12 Morton, Little, and Strong, ibid., 1943, 65, 1339.
13 Mullikan, J. Chem. Phys,, 1935, 3, 573. >irA
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important preparative value.14 Complications of this simple proton- 
transfer by participation of the metal ion in various ways must be con­
sidered with even a crude refinement of the mechanism. An interesting 
example of proton-transfer from aromatic systems occurs also with more 
conventional bases as the first step in the benzyne mechanism15 of nucleo­
philic displacement in aromatic systems.'
More important than the reactions producing alkyl or aryl anions are 
the reactions producing carbanions stabilised by resonance. The familiar 
enolate ions result from the ionisation of hydrogen adjacent to a carbonyl 
group and are typical examples of triad resonance-stabilised anions. Be­
cause of this resonance and an inductive effect a ketone has an acid disso-
... .... • o  S. c r  ' . . ' .
■ v ■ -  ii V - . . : I ' V .-C -C -- «—> —C=C— ■■■:
ciation constant more than 1020 times that estimated for methane, and a 
second carbonyl group on the same carbon produces a further increase in 
acidity such that it is measurably ionised in water ; the ketonic form of 
acetylacetone is reported16 to have p ifa — 8’9. Analogous carbanions 
result from ionisation of the a-hydrogen atoms hi esters,: aldehydes, an­
hydrides, nitriles, and nitro-paraffins. An interesting hydrocarbon example 
of a resonance-stabilised anion is the symmetrical and aromatic anion which 
results from the attack of a base on cycfopentadiene. Since all of these 
carbanions can react with carbonyl groups, with alkyl halides, and with 
conjugated carbonyl compounds, the number of possible reactions of syn­
thetic value is very large, and changes in the nature of the attacking base 
add further variety to these carbanion reactions. c •
Ionisation of a C-H bond may be readily detected by pH measurements 
if a substantial concentration of carbanion is formed. More commonly, 
the carbanion is present in minute concentration and is detected only by 
its reactions. Thus the isolation of a product of one of the base-catalysed 
reactions of the previous paragraph can now be taken as evidence of the 
presence of a carbanion in the reaction mixture. More sensitive tests involve 
the far more rapid reaction of the carbanions with halogen, and the rate of 
ionisation of a ketone by base can be measured by the rate of bromination. 
Other rapid reactions of carbanions are racemisation followed by protona­
tion,1 and direct reaction with a hydrogen isotope, - resulting in over-all 
base-catalysed exchange of hydrogen with solvent deuterium of the parent 
compound.17 -■
Nucleophilic attack on hydrogen is also promoted by inductive'effects. 
A clear example is the reaction of chloroform with aqueous sodium hydroxide. 
The initial step of both hydrolysis and deuterium exchange is proton-
14 Gilman and Morton, in Organic Reactions, Vol. VIII, pp. 258.
15 Roberts, Semenow, Simmons, and Carlsmith, J. Amer, Chem. Soc., 1956, 78, 
601; Wittig, Naturwiss., 1942, 30, 696. : : ~
16 Schwartzenbach and Felder, Helv. Chim. Acta, 1944, 27, 1701,; :
47 Ref. 8, p. 97, .
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transfer (9) assisted by the combined inductive effect of the three halogen 
atoms.18 A similar case of electrostatic facilitation of ionisation resulting
■ /  1 ■ C13CH +  OH“ —>■ Cl3C ~ 4- H aO . /  (9)
from only one halogen is found in the “ alpha-elimination ” detected in 
the reaction of 1-bromo-octane with sodamide,19 where the initial step is the 
attack of amide ion on the primary hydrogen. Inductive facilitation of 
proton loss is also shown in studies of the deuterium exchange of ’onium 
salts, although, resonance-stabilisation of the “ ylids ” by contribution of 
structures using d-orbitals apparently provides more important help when 
it is possible.20 - . ... .
An alternative way to avoid an unfavourable carbanion is to lose a fairly 
stable anion at the same time as a proton, leaving a neutral molecule. The 
large class of second-order eliminations (E2) may be so described. The 
normal mode of attack of a base on the hydrogen atom of an alkyl halide 
does not produce an intermediate carbanion ;21 instead, halide ion is lost 
from the 1-position as the base removes a proton at the 2 -position, and an 
olefin is formed in one step. The transition state has important olefinic 
character, as shown by tbe formation of the most stable olefin, according 
to the Saytzeff rule. The stereochemical requirements are rather rigorous, 
with the attacking base and the leaving halogen on opposite sides of the 
plane of the incipient olefin.22 When this configuration is unattainable for 
steric reasons j the elimination is conspicuously slower and, in at least one 
case, the carbanion is an intermediate.23 Analogous eliminations to give 
carbon-nitrogen triple bonds from A-chloroimides 24 and carbon-oxygen 
double bonds from alkyl peroxides, 25 nitrites, 26 and chromates 27 by attack 
of bases have been studied and are mechanistically almost identical with the 
olefin-forming E2 reaction. - *
; In all these cases of nucleophilic attack on hydrogen an essentially linear 
configuration about the hydrogen in the transition state can be assumed, 
both by analogy with the stereochemically indicated linear transition state 
for nucleophilic attack on carbon, and by analogy with the hydrogen bond, 
where it has been shown that the hydrogen is most favourably located 
between two electronegative atoms on the line connecting them. Further 
support is given by the substantial decrease in rate on substitution of 
deuterium for the hydrogen in question. Since this isotope effect is fre­
quently large enough to require almost complete loss of the C-H stretching 
vibration in the transition state, a linear transition state is indicated. The 
absence of a large isotope effect does not require a non-linear transition
18 Hine, J. Amer. Chem. Soc., 1950, 72, 2438. '
19 Hill, Judge, Skell, Kantor, and Hauser, ibid., 1952, 74, 5599.
20 Doering and Hoffmann, ibid., 1955, 77, 521.
21 Skell and Hauser, ibid., 1945, 67, 1661. 22 Barton, J., 1953, 1027.
23 Cristol and-Fox, J. Amer. Chem. Soc., 1953, 75, 2647. *
24 Hauser, LeMaistre, and Runsford, ibid., 1935, 57, 880.
25 Kornblum and de la Mare, ibid., 1951, 73, 880. ‘
26 Baker and. Easty, J., 1952, 1208.
27 Holloway, Cohen, and Westheimer, J. Amer. Chem. Soc., 1951, 73, 65. ■
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state, however, and a review of hydrogen-isotope effects 28 lists many 
examples of smaller but still significant effects in proton-transfers.
The transfer of protons from an electron-deficient molecule is susceptible 
to the same influences as is the transfer from saturated systems, but some 
unique features warrant a separate discussion. Acid-catalysed enolisation 
of ketones is closely analogous to the situations already discussed and can 
be represented as a nucleophilic attack on the conjugate acid of the ketone
(10), where the contributing structure shown for the conjugate acid empha-
• . OH OH
I I-  v B - + R-OCHR2 —► BH + R-C=CR2 : . . (10)
sises the electron-deficiency. This reaction is very likely the slow step in 
the enolisation catalysed by the general acid HB.29 An alternative termole- 
cular one-step mechanism has been extensively discussed,30 but the dis­
tinction is not especially pertinent in this discussion. I t  is clear that 
reaction (10) will be much faster than the corresponding proton-transfer 
to the same base B~ from the neutral ketone, because of the inductive 
effect of the positive charge in the conjugate acid. Thus, carbonyl-condensa­
tion reactions analogous to the base-catalysed ones occur with acid-catalysis, 
and reaction (10) is an important step. ■
Olefin-forming proton-loss from less stable carbonium ions is a very 
important fate of these highly reactive molecules.: I t  is the fast second step 
in the E l  elimination.31 The observation that the same mixture of olefins 
and substitution products is obtained on solvolysis of the different tert.- 
amyl halides 32 shows not only that the same intermediate occurs in the 
substitution and the elimination process, which is halogen-free, but also 
that the rate of the elimination step is independent of the anion. This 
probably shows that the solvent is the base in reaction (11), although equal
r B + R2C+-CHR'2 - >  R2C=CR'2 +  BH+ . (11)
reactivity is an alternative possibility. In  contrast to the cases discussed 
above, substitution of deuterium for hydrogen has only a very small effect 
on the rate .33 ■ :
Rationalisations of this effect have been offered,34’ 35 but still another 
factor must be considered. In  the reverse reaction, the hydration of olefins, 
Taft has been forced to conclude that the rate-determining step was the 
isomerisation of the olefin-proton tt-complex to the conventional carbonium 
ion.36 In accordance with the principle of microscopic reversibility, the 
carbonium ion, on the way to the olefin, must first pass through the Tt-com-
28 Wiberg, Chem. Rev., 1955, 55, 713. 29 Dawson and Spivey, J., 1930, 2180.
30 Lowry, J., 1927, 2554 ; Bell, J., 1953, 88 ; Swain, J. Amer. Chem. Soc., 1950, 
72, 4578. :
31 Hughes, ibid., 1935, 57, 708. " ' !
82 Ingold, “ Structure and Mechanism in Organic Chemistry ”, Cornell Univ. Press, 
Ithaca, 1952, p. 426. ;
33 Shiner, J. Amer. Chem. Soc., 1953, 75, 2925. *
34 Boozer and Lewis, ibid., 1954, 76, 794. '
35 Hammond, ibid., 1955, 77, 334. ‘ 39 Taft, ibid., 1952, 74, 5372.
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plex, and there is no reason to expect a very large isotope effect for this 
process, v v 7 - ■: A:
- ; I t  is seldom possible to detect the base in reaction (11), although it is 
clearly necessary to; avoid the energetic problems of creating a free proton. 
In  at least one case, the need for a base to accomplish the elimination is 
experimentally demonstrable. In  the commercial alkylation of isobutane 
with butanes in the presence of sulphuric acid, the undesirable elimination
(11) from the eight-carbon cation competes with the hydride-ion transfer (12).
R2C+-CHR'2 + (CH3)3CH —> RaCB>CHR'2 +  (CH3)3C+ . (12)
At low acidities and hence high bisulphate ion concentration, polymeric 
products derived from the olefin of reaction (11) predominate, but at high 
acidities the saturated product of reaction (12) is produced. 1 Since the 
hydride-transfer does not involve acid, the change in relative rates must 
be due to retardation of the elimination process (11) by reduction in 
concentration of the base B (HS04“). - . - = ; . ; 1 (
. A special case of elimination from carbonium ions is the second step of 
aromatic substitution discussed niore extensively elsewhere in this Review. 
In only a few cases is the necessity for a base obvious in this reaction. ’ In 
sulphonation there is a significantly slower replacement of tritium than 
of hydrogen,37 and in some diazo-coupling reactions a large isotope effect 
and general basic-catalysis have both been observed.38 
B3. Attack by Radical Reagents on Carbon.—
R - + C - H  - >  R -C + II*  '
Displacement of a hydrogen atom by a radical other than another 
hydrogen atom is energetically most unfavourable. However, although it is 
not nowadays postulated as a significant process in radical reactions involv­
ing aliphatic compounds, it is often included as a separate stage in aromatic 
radical substitution. Thus, in two recent reviews 39> 40 on aromatic sub­
stitution by aryl radicals such displacements are continually depicted. 
Although the alternative outlined below is considered,40 the conclusion 
finally reached is that “ predominance of the reaction v ■
C6H5X + C6H5- - >  C6H5-C6H4X + H- . . . . (13)
is shown to be substantiated ” . . : . .;r (
Apart from being energetically unfavourable, there is a variety of reasons 
why such a displacement is unlikely. • The evidence marshalled in favour 
of this displacement 40 is significant as evidence against initiaL radical 
attack on hydrogen but in no sense justifies the concept of hydrogen-atom 
displacement.
One argument against the concept of hydrogen-atom displacement is 
that, during phenylation with benzoyl peroxide in the absence of added 
oxidising agents, benzoic acid is formed in high yield. The free hydrogen
37 Melander, Arkiv Kemi, 1950, 2, 213. ,
38 Zollinger, Helv. Chvm. ^4cto,1955, 38, 1623; Experientia, 195.6, 12, 165.
39 Dermer and Edminson, Chem. Rev., 1957, 57, 77. |
40 Augood and Williams, ibid., p. 123.
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atom is far too reactive to show such selectivity, and the Ph-C02- radical 
must surely have abstracted hydrogen from some intermediate to give 
benzoic acid. * ; ; -o
Other factors are best considered in terms of the intermediate radical
(III). There is every reason to believe that such an intermediate would 
have fair stability, and that the rate-determining stage in aromatic radical 
substitution is the step leading to the formation of this 
H radical.41 In  particular, the absence of any isotope effect in
r  the reaction between tritiobenzene and benzoyl peroxide 42
(jjj) shows that C-H bond breaking is not appreciable in the
transition state.
If  the intermediate formation of a radical-addition complex of this sort 
is accepted, there is no need to postulate direct loss of a hydrogen atom to 
explain the observed results, and, indeed, such a step appears most improb­
able although the intermediate could be described as a highly efficient 
hydrogen-atom donor. In  section A, reference was made to the high- 
temperature decomposition of ethyl radicals into ethylene and hydrogen 
atoms, but it was stressed that such decomposition is not detected at room 
temperature. Loss of hydrogen by ethyl would be more favourable ener­
getically than loss of hydrogen by an intermediate of type (III) and it can 
accordingly be concluded that hydrogen is lost only as a consequence of 
attack by another molecule or radical.
We therefore formulate the process of radical attack on aromatic systems 
leading to substitution in the ring as : .
y n  v H '
R- +  ArH -Ar( ; -Ar( +  X  —► X H  +  ArR . (14)
-v N r  N r i. .r • • .
where X may be another radical, such as Ph-C02-, or a reactive molecule 
such as quinone.
In  some cases addition occurs preferentially, as, for example, in many 
reactions of anthracene 43 and in photochlorination of benzene. Radical 
attack on ring-hydrogen atoms does not seem to be a common step, pre­
sumably because the resulting phenyl-type radical is not stabilised by 
resonance, in contrast to radicals formed by addition.
Further evidence for this contention comes from the observation that 
hydrogen-atom displacement seems not to be observed in saturated systems, 
even with reactive radicals in the gas phase. One can trace an interesting 
parallel in the understanding of mechanism by recalling that in 1931 Pease 
and Walz 44 studied the chlorination of methane and proposed the following 
chain process :
Cl- +  CH4 - *  CHgCl -j- H - \  ; (15)
E  ^ H- +C12 — HC1 + C1- J '
41 Szwarc, J. Chem. Phys., 1955, 23, 204.
42 Sheppard, Ph.D. Thesis, Massachusetts Institute of Technology, 1954.
43 Bickel and Kooyman, Bee. Trav. chim., 1952, 71, 1137.
44 Pease and Walz, J. Amer. Chem. Soc.* 1931, 53, 3728.
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This, for compelling reasons, lias long since been replaced by the scheme : 
f ; Cl- + CH4 - >  CHy + HC1\ (16)
c h 3- +  ci2 —*  c h 3c i  +  ci-J ' ‘
I t  now seems probable that one should similarly replace the proposal that 
hydrogen atoms are displaced from aromatic molecules by the concept of 
radical addition followed by hydrogen abstraction as formulated in scheme
(14) . ;
B4. Attack by Radical Reagents on Hydrogen.—
R- + H-C — R- H + -C
This constitutes the normal reaction of radicals with saturated organic 
compounds and competes with radical addition in unsaturated compounds. 
Two aspects of the many results accumulated will be discussed here, namely, 
the competition between addition and attack on hydrogen in unsaturated 
compounds, and the position of attack in saturated compounds.
Although addition appears to be the normal rule in the first stage of 
radical attack in aromatic systems, 5 this is not so if there is “ allylic ” 
hydrogen in the molecule. In such a case, there may be a fine balance in 
the choice between the two processes, depending on such factors as the 
reactivity of the radical, temperature, and the structure of the unsaturated 
compound. This is because attack on allylic hydrogen results in the dis­
placement of a resonance-stabilised radical, whereas addition to a simple 
olefin usually leads to an unstabilised radical. Relatively subtle changes 
in the allylic system can totally alter the course of reaction. Thus, at 
90° K hydroxyl radicals will add to the olefinic bond of methyl methacrylate 
or methacrylonitrile,45 but will abstract allylic hydrogen from allyl 
alcohol.46 Evidence for this contention is direct, since it depends on a 
study of the radicals themselves by electron-spin resonance spectroscopy. 
The radicals can be identified with little ambiguity by the characteristic 
hyperfine lines which appear in the electron-spin resonance spectra.
Kooyman and Farenhorst 47 have concluded that when CC13- radicals 
attack cyciohexene addition and extraction of allylic hydrogen proceed at 
comparable rates. This reaction therefore represents a situation in which 
the various factors governing the alternative mechanisms just balance, 
Buckley et al.m have studied other systems in which these alternative reac­
tions compete. . , • • > , ■. ... ■ : [
. Radical attack on hydrogen in a saturated hydrocarbon chain- can be 
remarkably selective. For. example, most radicals will attack tertiary in 
preference to secondary or primary hydrogen in a paraffin hydrocarbon. 
Important factors include the dissociation energy of the C-H bond, the 
reactivities of the attacking and the displaced radical, temperature, and polar 
effects.' The first two factors are tied together by another feature, namely,
- 46 Ingram, Symons, and Townsend, Trans. Faraday Soc., 1958, 54, 409.
46 Gibson, Ingram, Symons, and Townsend, ibid., 1957,. 53, 914. , v : ; ‘
47 Kooyman and Farenhorst^ Bee. Trav. chim., 1951, 70, 867.
48 Buckley, Leavitt, and Szwarc, J. Amer. Chem. Soc., 1956, 78, 5557 ; Buckley 
and Szwarc, Proc. Boy. Soc., 1957, A, 240, 396.
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the extent of bond-breaking in the transition state. The more reactive 
the attacking radical, the smaller will be the bond-breaking in the transition 
state, according to the principle described by Hammond.35 Hence for 
reactive radicals, the bond-dissociation energy and the stability of the 
displaced radical will be unimportant factors and the radical will be rela­
tively unselective. For example, bromine atoms are more selective than 
chlorine atoms towards tertiary hydrogen.49 As a general rule, the higher 
the temperature, the lower the power of selection of a given radical. Studies 
oT the attack of hydroxyl radicals on a variety of organic compounds, 
including alcohols at 90° k, show that this very reactive radical is remark­
ably selective at this temperature.45’ 46 If  Kenyon and Symons 50 are 
correct ill assuming that the effective oxidising agent in strongly alkaline 
solutions of potassium permanganate is the hydroxyl radical, then it seems 
that, under certain circumstances, this radical is still quite selective at 
room temperature. They found that carboxylate ions containing tertiary 
hydrogen a or y to the carboxyl group were preferentially attacked at the 
tertiary hydrogen atom. Attack on a-hydrogen is favoured by the fact 
that the resulting radical-ion is resonance-stabilised and it is therefore some­
what surprising that the attack was on y-hydrogen when this was tertiary. 
However, it can be deduced by analysis of the hyperfine splitting due to the 
hydrogen nuclei in radicals such as *CMe2'OH that structures such as 
H* CH2=CMe*OH contribute considerably to the ground state of the radical, 
and stabilisation resulting from such hyperconjugation must outweigh the 
stabilising effect of the carboxyl group.
V When hydroxyl radicals attack alcohols at low temperature a-hydrogen 
atoms are preferentially lost,46 to give radicals of type *CR2*OH which must 
be stabilised to some extent by vr-bonding between carbon and oxygen. 
Such overlap should also make radicals such as •CR2C1 and •CR2,C02H rela­
tively stable, and therefore it is remarkable that, when carboxylic acids 
and alkyl chlorides are attacked by chlorine atoms, a-hydrogen atoms are 
selectively avoided. .. However, methyl radicals selectively attack a-hydro­
gen in such compounds.51 Russell and Brown 52 have explained these 
differences in terms of the electrophilic or nucleophilic character of the 
attacking radical. Thus, chlorine atoms are strongly electrophilic and 
hence hydrogen a and to chlorine in alkyl chlorides will be deactivated 
towards attack by chlorine atoms. In  contrast, methyl radicals are rela­
tively nucleophilic and hence electron-withdrawal by chlorine or carboxyl 
favours attack on a-hydrogen.
Some idea of the geometry of the transition state in hydrogen-atom 
abstractions comes from the observation that the rates of attack on hydrogen 
by chlorine in a series of compounds R3CH are remarkably independent of 
the size of substituents R. This result fits in well with the concept that the 
H-Cl bond is hardly formed in the transition state. One can also conclude
49 Russell and Brown, J. Amer. Chem. Soc., 1955, 77, 4025.
60 Kenyon and Symons, J., 1953, 3580.
61 Kharasch. and Gladstone, J. Amer. Chem. Soc., 1943, 65, 15.
62 Russell and Brown, ibid., 1955, 77, 4578.
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that the angle between carbon, hydrogen, and chlorine is not far removed 
from 180° in the transition state (cf. section B6 ).
B5. Attack by Electrophilic Reagents on Carbon.-—
. a + -i- c- h  —>• a - c +  h + v v ;
Because of the very large free energy of the bare proton, this reaction 
will never occur as such. Indeed, it is even less likely than the direct dis­
placement of hydride ion or a hydrogen atom. I t  is necessary once again to 
invoke a two-stage process for reactions involving electrophilic attack on 
carbon: ,, 'v.-M. .V. /. d ;
A+ + C—H ' / H 1  L < a _
(IV)
• y H -  
. \A J
+  .
+ B“ —> HB + AC (17)
and hence the step involving C-H bond breakage appears as a nucleophilic 
attack on hydrogen. Since many solvents are good proton-acceptors, this 
second stage usually involves proton donation by the intermediate (IV) to the 
solvent; that is, (IV) behaves as a strong acid. I t  might be argued that a 
termolecular, one-stage process adequately describes reactions of this type, 
and there is little direct evidence concerning the relatively subtle difference 
implied. However, since the polarity of most C-H bonds.is such as to 
make hydrogen either slightly negative or neutral 53> 54 and since the polar- 
isability of the C-H bond is small,55 solvent molecules will not be oriented 
in the required direction for nucleophilic attack to occur simultaneously 
with the addition of A+. One can again recall that when an electrophile 
attacks the C-H bond in a saturated molecule, it becomes linked to hydrogen 
rather than to carbon; since the transition states for attack by A+ on 
carbon and hydrogen are probably similar (see section B6 ), the preferential 
choice of hydrogen in the aliphatic case and of carbon in the aromatic case 
is most readily understood if one postulates the formation of a relatively 
stable intermediate in the aromatic case only. Therefore, this section will 
be confined to a discussion of evidence relating to the formation and stability 
of such intermediates during electrophilic aromatic substitution.
Since Melander’s discovery that there is no detectable isotope effect 
during several electrophilic substitutions of tritium-labelled aromatic com­
pounds,56’ 37 a variety of studies has been made, confirming Melander’s 
results and extending the study to other reagents. In  several instances, 
definite isotope effects have now been detected.57’ 58> 59> 60 Taken in isola­
tion, this work gives little information regarding the formation of stable
53 Gent, Quart. Rev., 1948, 2, 383.
54 Glazer and Reiss, J. Chem. Phys., 1955, 23, 1937.
c f  I a ’ 55 Le Fevre and Le Fevre, Chem. and Ind., 1955, 1121. • '
66 Melander, Acta Chem. Scand., 1949, 3, 95.
57 Berglund-Larsson and Melander, Arkiv Kemi, 1953, 6, 219.
58 Bonner and Wilkins, J., 1955, 2358. a
89 Zollinger, Helv. Chim. Acta, 1955, 38, 1597,! 1617.
60 Grovenstein and Kilby, J. Amer. Chem. Soc.', 1957, 79, 2972.
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intermediates since it may relate only to the degree of breaking of the C-H 
bond in the transition state. I t  is noteworthy, however, that in all systems 
showing a positive isotope effect the intermediate complex (V) can readily 
lose a proton from B or A to give a neutral molecule or zwitterion, which is 
bound to be a far weaker acid than the original complex. (The proton lost 
by E- or A is attached to nitrogen or oxygen and would be lost more readily 
than the proton attached to carbon.) Thus, in the iodination of phenol 60 
the neutral intermediate would be (VI) and in sulphonation (VII). I t  is
K X f  O C  O W
(V) ; (VI) (VII)
concluded that these results are consistent with the view that a relatively 
stable intermediate is formed during electrophilic aromatic substitution; and 
that the transition state of highest energy normally lies between the reactants 
and an intermediate which behaves as a strong acid ; but that when this 
intermediate is electrically neutral it may become so weak an acid that 
the transition state for. the step involving loss of this proton may be of 
higher, energy than that for the step involving addition of the electro- 
phile. I t  is not easy to see how the results may be fitted to any other 
scheme. . o
, r The concept that an intermediate of structure (V) is formed as an 
essential stage in aromatic electrophilic substitution does not mean that 
the transition state must closely resemble this intermediate, although this 
assumption is often made. Indeed, since many such substitution reactions 
are effected by reagents which are not free in the sense implied in reaction 
(17), but are still bonded, albeit weakly, to some nucleophile, one would 
expect that the transition state for the first stage of this re- 
, , , * " *  action could be very different from the complex (V). If  the 
(VI ll) ^  + “ source ” of A+ be depicted , as AB, the transition state
, . might be represented as (VIII). How close (VIII) comes to
(V) depends on a variety of factors amongst which the strength of the 
A-B bond must be important. , Brown et al. have given evidence which 
points, strongly to this conclusion in their studies of the Friedel-Crafts 
reaction,61* 62> 63 ; and it has been elegantly established by Corey and 
SauerS 64 for the ionisation of certain arylalkyl toluene-^>-sulphonates. ;
. The most direct, way of establishing the formation of an intermediate 
during a chemical reaction is to devise conditions under which the inter­
mediate is sufficiently stable to be studied by spectroscopic or other means. 
Perhaps the simplest, of all electrophilic aromatic substitutions is acid- 
catalysed hydrogen exchange. The intermediate for this reaction would 
have the symmetrical structure (IX). In  weakly acidic media such an
61 Brown and McGary, J. Amer. Chem. Soc., 1 9 5 5 , 77, 2 3 0 0 .
62 Brown and Jungk, ibid., p. 5579; 63 Brown, ibid., p. 5 5 8 4 .
64 Corey and Sauers, ibid., 1 9 5 7 , 79, 2 4 8 . \
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intermediate conld. have only transitory existence, but with increasing 
acidity, and (equally important) with decreasing basicity of the medium, 
the concentration of the intermediate should greatly increase. Reid has 
shown that aromatic hydrocarbons, including benzene, dissolved in liquid 
hydrogen fluoride containing boron trifluoride, give compounds whose visible 
and ultraviolet spectra are consistent with formulation (IX).65» 66 The 
case for anthracene is stronger since, as has been pointed out,67 protonation 
could give the ion (X) which is structurally similar to the carbonium ion 
Ph2CH+ formed from diphenylmethanol by reaction with sulphuric acid
'  © c
. . .  (|x)
In  fact, the visible and the ultraviolet spectra of anthracene and diphenyl­
methanol in sulphuric acid are almost identical. When 1 : 1-diphenyl- 
ethylene reacts with sulphuric acid, the carbonium ion +CPh2Me is formed. 
The main visible band for this ion is shifted 17 m^ to shorter wavelengths 
relative to that for +CHPh2. If  formulation (X) is correct for protonated 
anthracene, the spectrum for protonated 9-methylanthracene should show 
a similar shift relative to protonated anthracene. This prediction has been 
confirmed, 68 the shift being 16 mji to shorter wavelengths.
(Although not directly relevant to this Review, reference ought to be 
made to the important discovery that certain polynuclear hydrocarbons, 
including anthracene, with sulphuric acid form paramagnetic substances 
which are almost certainly monopositive ions formed by loss of tt-electrons. 
This conclusion comes directly from a study of the hyperfine lines recorded 
in the electron-resonance spectra of these solutions. Some confusion has 
arisen as a result of this discovery, but it can readily be demonstrated 
that either protonated anthracene or anthracene positive ions can be pre­
pared in sulphuric acid depending on the conditions, and therefore the 
electron-resonance results in no way invalidate the arguments made regard­
ing protonation.) ■
Finally, some reference ought to be made to the concept of jr-complex 
formation. This has become an accepted way of describing certain loose 
complexes between donor and acceptor molecules where no specific 
or-bonding exists. I t  is probable that in most cases the term “ charge- 
transfer complex ” would be equally suitable. Outstanding features seem 
to be that the interaction energy is small, that the complexes are not very 
sensitive to structural modification, and that they usually give rise to 
characteristic absorption spectra in the visible or near-ultraviolet region. 
A discussion of these complexes is relevant here, since it is quite possible
65 Reid, J. Amer. Chem. Soc., 1954, 76, 3264.
68 Cf. Muller, Pickett, and Mulliken, ibid., p. 4770.
67 Gold and Tye, J., 1952, 2172. . • .:r, _ ou -
68 Grace and Symons, unpublished results. .
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that an important step in electrophilic aromatic substitution comprises 
a unimolecular change from a classical a-complex to a n- complex :
a-C om p lex TT-Complex
Such complexes may be formed during the initial and the final stage of acid- 
catalysed hydrogen exchange, and Gold and Satchell69 have presented 
kinetic results which, they claim, can best be understood in terms of a slow 
step in which a loose “ outer” complex is converted into an intermediate 
of type (IX). This conclusion is based primarily on the fact that the rates 
follow Hammett’s acidity function H 0 rather than the hydrogen-ion con­
centration. ’ Long and P a u l70 have suggested that the simpler alternative 
in which proton-transfer is the rate-determining step is equally compatible 
with the kinetic results : this seems doubtful since the transition state from 
proton-donation by the conjugate acid of the solvent would closely resemble 
the transition state for proton-removal by solvent in reactions such as the 
acid-catalysed enolisation of ketones, which follow Cz + rather than H0.
If  tt-complex formation between aromatic compounds and proton is 
important, one might hope to be able to establish their presence by spectro- 
photometric studies. Evans et al. 71 have postulated that the intense bands 
in the 600 m/i region observed for certain 1 : 1-diarylethylenes in weakly 
acidic media are the result of tt-complex-formation between protons and 
the olefinic bond. However, similar spectra are recorded when such com­
pounds as diphenylmethanol are dissolved in the same solvents and, for 
this and other reasons, it seems unlikely that this simple explanation is 
correct.68 ^  : v -. :
, B6 . Attack by Electrophilic Reagents on Hydrogen.-—Electrophilic attack
on hydrogen, resulting in the so-called “ hydride-transfer reaction ” , is 
influenced in a predictable way by inductive and resonance effects. An 
extreme form of combined inductive facilitation of the reaction and 
resonance-stabilisation of the product is found in the hydride-transfer 
from the addition products of unsaturated molecules to anionic nucleophilic 
reagents. These are discussed in section B l since the attack of the nucleo­
phile on carbon is so essential. We shall discuss here the reactions in which 
the role of an electrophile is conspicuous. T ; .
The reaction (18), together with its variation with different charge types, 
is the essential step in the reactions to be discussed here. Clearly the reac­
tion can be favoured by increasing the electron-availability in R3CH, by 
R3CH + A+ - >  R,3C+ + H A  . . . (18)
making A+ more electrophilic, and by having particularly stable R3C+ or 
HA. Since in nearly all cases the reactions also appear to be reversible,
69 Gold and Satchell, J., 1 9 5 5 , 3 6 0 9 , 3 6 1 9 , 3 6 2 2 .
70 Long and Paul, Chem. Rev., 1 9 57 , 57, 9 3 5 . v ' ; ; . f
71 Evans, Jones, and Thomas, J., 1 9 5 6 , 2 7 5 7 . . :
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assistance can also be given by further reactions which remove the products. 
I t  will be appropriate to discuss these factors for a particular reaction, the 
use of alcohols as a source of hydride ions, shown in reaction (19).
A + + R 2CH-OH —► AH +  R aC = +OH . . (19)
The subsequent reaction in this case is the loss of a proton from the 
conjugate acid of the ketone R 2C=+OH. Although study of the reaction in 
acidic media, by Bartlett and McCollum,72 shows the requirement for a 
reasonably strongly electrophilic A+, the triphenylmethyl cation reacted with 
isopropyl alcohol about a thousand times faster than the sterically similar 
but much less electrophilic tri-p-methoxyphenylmethyl cation. The same 
work showed that the electron-releasing methyl group of the alcohol favoured 
the reaction : methanol was unreactive and isopropyl alcohol reacted about 
ten times faster than ethanol, a reactivity further complicated by varying 
extents of conversion into the unreactive conjugate acid. The reversibility 
of this reduction of carbonium ions by alcohols was also demonstrated by 
reduction of acetone to isopropyl alcohol by di-p-methoxyphenylmethanol.
The reduction of triphenylmethyl chloride by ether in the presence of 
aluminium chloride 73 and the reactions of other ionised triphenylmethyl 
esters with cycioheptatriene to produce 74 the tropylium (tropenium) ion 
(C7H7+) are both further examples of reactions facilitated by the stability 
of the product. -
A more extreme example 75 of the inductive facilitation of hydride- 
transfer is seen in the reaction (20 ) of alkoxide ions with ketones, where 
equilibrium is readily attained by a hydrogen-transfer mechanism. ,, Inter- 
R 2CH-0“ +  R '2CO R '2CH '0“ +  R 2CO . . ; (20)
mediate between this reaction of the carbonyl compound and the alcohol 
conjugate base and that of the previously mentioned neutral alcohol with 
the conjugate acid of the ketone is the Meerwein-Ponndorff reaction, where 
the aluminium alkoxide reduces the aluminium complex of the ketone. 
The Tishchenko reaction, an aluminium alkoxide version of the Cannizzaro 
aldehyde disproportionation, is also presumably a manifestation of the 
amphoteric nature of aluminium alkoxides. ■ ■ • ■ ■:
v Hydride-transfers to or from the analogues in the ammonia system; 
of the alcohols and carbonyl compounds appear to be involved in the 
Leuckart reduction of ketones by ammonium formate 76 and the reduction 
of hexamethylenetetramine by its A-alkyl derivatives,; the Sommelet 
Reaction.77 ; ;
, , The apparently analogous biochemical transamination which equilibrates 
an amino-acid with a ketone, however, is a prototropic shift in the Schiff 
base, not a hydride-transfer. ,
- 72 Bartlett and McCollum, J. Amer. Chem. Soc., 1956, 78, 1441.
. 73 Norris, Org. Synth., Coll. Vol. I, 1941, p. 548. / .
. ;74 Dauben, Gadecki, Harmon, and Pearson, J. Amer. Chem. Soc., ,1957, 79, 4557.;
75 Doering and Aschner, ibid., 1953, 75, 393.
76 Moore, in “ Organic Reactions ”, John Wiley and Sons, New York, 1949, Vol. V, 
p. 301.
77 Angyal, op. cit.,. 1954, Vol. VIII, p. 197.
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An interesting example of hydride-transfer in a strongly basic oxygen- 
free system is the reaction (21), showing surprising specificity of the electro- 
Ph-CHlSra-CH2-eH2-CHPhNa + 2Ph3B
r o -  -   ^ . ,<• :: . ; Ph-GH:CH-CH:CHPh +  2NaPh3BH : : . ; (21)
philic triphenylboron for hydrogen, rather than for the presumably more 
basic but larger carbanion. 78 : i : ; ! -
The intermolecular hydride-transfer producing an ordinary carbonium 
ion was first described by Bartlett, Condon, and Schneider.79 They showed 
that an extremely rapid exchange of halogen and hydrogen Occurred when 
a tertiary halide and isoalkane were mixed in the presence of aluminium 
bromide. The significant step is the reaction (22), and the rate was im­
measurably large. This important paper immediately led to an improved 
' : ; B+ +  R'H —> ■ RH +  R /+ . - \ . : ' . . (22)
understanding of the reactions of hydrocarbons in strongly acidic systems. 
The types of intramolecular analogues to reaction (22) are known. One, 
familiar for many years, is the 1 : 2-hydride shift related to rearrangements 
of the carbon skeleton of the Whitmore type ; an example is the formation 
of tert.-butyl derivatives in reactions of isobutyl halides with Lewis acids. 
Of the second type are hydride-transfers from carbon to a more remote 
part of the molecule. One is the 1 : 3-shift detected in the carbonium ion 
resulting from the solvolysis of norbornyl compounds.80 . The “ transannular 
reaction” accompanying ionisation in cyclic compounds of medium ring 
size are also examples of the attack of carbonium ions on a C-H bond in the 
same molecule.81: ■ This type of reaction has been found
H
products have improved.
The mechanisms of hydride-transfer must of course
C  differ in detail among the various types. I t  appears,
/ |  nevertheless, that some generalisations of wide application
(XI) can mac e^- In cases an electrophilic reagent attacks
the C-H bond, and the reasonable mode of attack is on the 
electrons of the bond. A triangular transition state (XI) for reaction (18) is 
therefore proposed. :
This mode of attack, a distinct contrast to the linear transition state 
B : H : C for nucleophilic attack on hydrogen, is also supported by a small 
value of the isotope effect observed for well-established hydride-transfer 
reactions. In  the Cannizzaro reaction,82 in the rearrangement of the 
w-propyl cation accompanying the action of nitrous acid on %-propylamine,83 
and in the carbonium ion-alcohol reaction,72 isotope effects of the order of 2 
or less were observed. Similarly, small effects are found in the hydride-
■ 78 Witting and Stilz, Annalen, 1956, 598, 85. •
79 Bartlett, Condon, and Schneider, J. Amer. Chem. Soc., 1944, 66, 131. ; 1 , .
80 Roberts, Lee, and Saunders, ibid., 1954, 76, 4501.
81 Prelog and Schenker, Helv. Chim. Acta, 1952, 35, 2044; Cope, Fenton, and 
Spencer, J. Amer. Chem. Soc., 1952, 74, 5844 ; and later work from both laboratories.
82 Wiborg, ibid., 1954, 76, 5371.
83 Shiner, personal communication. : - 7
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transfer from triphenylsilane 84 and from the diphenylborane-pyridine 
complex.85 The triangular transition state leads to the expectation of a 
small isotope effect, since large isotope effects can only arise from a loss of 
the stretching vibration in the transition state. The converse statement, 
that a small isotope effect requires a non-linear transition state,: is false ; 
however, non-linearity is one of a number of factors which can lead to small 
isotope effects, j A more complete discussion of the argument leading to the 
conclusion of a triangular transition state is found in a paper by Hawthorne 
and Lewis,85 with special reference to a boron-hydrogen bond.
B7. Unimolecular Reactions with Intramolecular Assistance.—The uni- 
molecular transfer of hydrogen from one atom to another in the same mole­
cule, often accompanied by other electronic shifts, is almost certainly 
facilitated by the formation of a new bond to hydrogen. We therefore 
classify these reactions as assisted cleavages, without specifying the nature 
of the attacking reagent. The most familiar examples are reactions of high 
activation energy and are frequently pyrolyses.
Typical are the pyrolytic eliminations from esters shown in reaction 
(23). The mechanism was indicated by the observation of first-order kine­
tics and stereospecific cis-ehmination.86> 87. The elimination follows the
I . \ /A3 II—C— /O H  C
R-Cf | - >  R-C^ + 1  . : , . (23)
\<3----- —C— X) C
I / \
Hofmann rule,87 showing that contributions of olefinic structures to the 
transition state are not very important. The transition state involving a six- 
membered ring suggested by the conformation written in reaction (23) is 
not demonstrated; the four-membered ring using only one oxygen is also 
possible. The reaction can be represented as a nucleophilic attack on
. H .
... h3c- c— ch2
. : -  /  ,
£0;~Htf -£/hU- V " 6' <
R_c)- o  4  ■ - : "
; CxiO i i (xiii)  (xiv)
hydrogen according to the scheme (XII), but the direction of motion of 
electrons is undemonstrable and the same result can be attained by the 
alternative radical-like scheme (XIII). Inability to distinguish schemes 
such as these experimentally is the source of our failure to classify these 
reactions as nucleophilic, electrophilic, or radical attack on hydrogen or 
carbon. •
84 Kaplan and Wilzbaeh, J. Amer. Chem. Soc., 1955, 77, 1300.
. •88 Hawthorne .and Lewis, i b id . ,  in the press. .
86 Barton, J., 1949, 2174. ' r -'
87 Bailey and King, J. Amer. Chem. Soc., 1955, 77, 75. ; ,
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A mechanistically similar but easier reaction occurs when O-alkyl 
,/S-methyl xanthates are heated (reaction 24): ;
Me S : : '
\  sS—C
\H O
, : V .  | I / ;  - \  /
—C---------C C=C +  MeSH + COS . . (24)
\  . /  ■ A  V  . *■ V  : . - ; .
In  this case the ring size is clear, since the compound has greatly enhanced 
reactivity compared with a carbonate, but it is not clear which sulphur 
atom is involved. The immediate product of the reaction with the alter­
native arrangement of atoms, the $-methyl dithiocarbonate, is certainly 
unstable under the reaction conditions. Pyrolysis of tsopropyl chloroformate 
in the gas phase yields a substantial amount of propene, and the first-order 
rate law observed led to the proposal of the transitions state (XIV) for this 
reaction.88 However, recent further studies have led to the suggestion that 
an ionic intermediate may be involved.89 Ion pairs have been proposed as 
intermediates in the pyrolysis of alkyl chlorides on the basis of the effect 
of substituents on the reaction rate,90 although on pyrolysis some alkyl 
halides react by radical paths. Cyclic non-polar mechanisms have less 
chance of competing with ionic reactions in solution, and there are very few 
reactions with C-H bond breakage for which this cyclic unimolecular 
mechanism has been established. In at least one case there is a suggestion 
of the occurrence of this mechanism. For decomposition of 1-methylbutyl 
chlorosulphite in dioxan solution an ionic mechanism has been established ; 
but in 2 : 2 : 4-trimethylpentane solution the reaction is slower, there is 
more olefin produced, and a very large retardation by /5-deuterium suggests 
the possibility that the C-H bond may be broken in the rate-determining 
step of this first-order reaction. Confirmation is found in the preliminary 
result that the reaction involves predominant but not complete cis- 
elimination.91
The above reactions show close resemblance to ionic reactions. Some 
reactions conveniently classified here appear to resemble radical reactions 
more closely. Thus the formation of methane from the photolysis of acetal- 
dehyde is not entirely suppressed by addition of iodine.92’ 93 The residual 
reaction must be the one-step non-chain process (25) :
CHg-CHO +  hv —> CH4 + CO . . . (25)
This primary process requires a substantial energy imput since it occurs 94 
on irradiation with light of 2537 A but not of 3130 A. Presumably other
88 Choppin and Compere, J. Amer. Chem. Soc., 1948, 70, 3797.
89 Lewis and Herndon, unpublished work.
90 Ingold, Proc. Chem. Soc., 1957, 279.
91 Duffey, M.A. Thesis, The Rice Institute, 1955.
92 Gorin, Acta Physicochim. U.S.S.B., 1938, 9, 681.
93 Blacet and Loeffler, J. Amer. Chem. Soc., 1947, 64, 893.
94 Blacet and Heldman, ibid., 1942, 64, 889.
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such reactions accompany dissociation into radicals in photolytic and pos­
sibly electron-impact reactions, but they do not appear important in thermal. 
reactions at ordinary temperatures. 2 7
Conclusions
Cleavage of carbon-hydrogen bonds is a common and important reaction, 
of organic compounds. Except for the rare types listed in section A, this 
breakage will only occur on attack of a reagent on hydrogen. The bond is 
sufficiently strong to require the contribution of new bond formation to the 
transition state for cleavage to occur ; to this extent, our classifications 
B l, B3, and B5, which are attacks on carbon, represent non-existent 
mechanisms. However, all the examples in these classifications have un­
saturated or aromatic reactants, and important help to the bond cleavage 
is given by prior addition of a reagent to the unsaturated system. Thus 
hydride-loss is greatly assisted by prior addition of a nucleophile, even 
though an electrophile is needed to accept the hydrogen. Similarly, aroma­
tic substitution by radical or electrophilic reagents needs another radical 
or a nucleophile respectively to complete the reaction, but prior addition is 
also an important step. As a consequence of this generalisation, one can 
expect that removal of hydrogen bonded to a saturated carbon atom will 
always involve immediate attack on the hydrogen atom. -
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46. Unstable Intermediates. Part I. Photochemical Reactions
in Rigid Glasses.
By M. C. R. S y m o n s  and  M. G. T o w n s e n d .
Highly reactive intermediates, formed by photolysis with ultraviolet light 
(2537 or 3650 A), of dilute solid solutions of photosensitive compounds are 
■ often stabilised by being trapped in the glass. These intermediates, which
are often free radicals, have been studied by spectrometric and electron-spin 
resonance m ethods: they are quite stable provided the glass is rigid, but are 
rapidly decomposed otherwise. The solvents included a variety of alcohols,
T  carboxylic acids, saturated hydrocarbons, and vinyl compounds. The
, 1 solutes included hydrogen peroxide, benzoyl peroxide, di-tert.-butyl peroxide,
oca'-azowobutyronitrile, and ethyl iodide. The nature of the trapped inter- 
‘ . mediates is discussed in terms of a generalised scheme for photolysis in
■rigid media.
W h e n  (reaction mechanism is considered it is often necessary to postulate the formation of 
intermediates which, because of their high reactivity, are never present in isolable or even 
in 'detectable quantities, and whose presence is therefore inferred because the proposed 
mechanism agrees with expectation or because the results of kinetic studies are adequately 
accommodated thereby. By suitable modification of the environment it is sometimes 
possible to build up concentrations of such intermediates sufficiently to permit of direct 
detection and study, particularly spectrometrically. We have studied how this may be 
accomplished; in particular, ultraviolet spectrophotometry and magnetic techniques are 
used to detect and study the intermediates.1
Lewis and Lipkin 2 described the changes in the electronic absorption spectra of organic 
molecules in dilute solution in rigid glasses at 70° K after ultraviolet irradiation. They 
obtained good evidence both for photodissociation into radicals and for photoionisation. 
Since then, spectrophotometry 3-5 and electron-spin resonance techniques 6 have also been 
used to study such photolysed glasses.6 These two techniques being complementary, we 
aimed to combine them to examine the nature of the photochemical reactions in rigid 
media.
. • ; ■ - E x p e r im e n t a l
Materials.—Hydrogen peroxide (90%, free from stabilisers) was kindly supplied by Laporte 
Chemicals Ltd. Water was distilled from alkaline permanganate, and other solvents were 
“ AnalaR ” or purified by standard procedures.
Glasses.— For electron-spin resonance studies, clear glasses were not essential, and provided 
a small fraction of the incident light penetrated some distance into the specimen, seemingly 
■opaque solids could be used. For spectrophotometry studies it was necessary to obtain clear 
glasses, rigid at 100° K (the lowest temperature suitable for measurement with our apparatus), 
Which did not shatter badly over a considerable time interval. These conditions were achieved 
for alcohols by adding small quantities of syrupy phosphoric acid, and for glycols and acids by  
adding up to 50% of water. cycZoHexane (10%) was added to cycZohexanol to prevent cracking. 
In cases for which no such additive, was required, it was confirmed that their presence did not 
affect the characteristic changes in ultraviolet spectra.
Solute concentrations were varied in the range 10" 1—1 0 _3m .
Electron-spin Resonance Measurements.— These were made as described previously.6 Spectra 
were recorded as the first derivative of the absorption band, the sample, contained in a thin  
walled quartz tube, being placed directly in an H 01i 3 cm. wavelength rectangular cavity cooled 
by liquid nitrogen.6
Spectrophotometric Measurements.—These were made by using a Unicam S.P. 500 spectro-
photometer modified for use at low temperature. The irradiated glasses were contained in a cell 
constructed to avoid breakage caused by cracking of the glass consisting of two fused silica 
plates recessed into the bottom of a Perspex rod and enclosing an oval hole cut in the rod. The 
cell was filled by partly removing one plate, completely filling the cell, replacing the plate, and 
then immersion in liquid nitrogen. This procedure made it unnecessary to ensure that the cell 
did not leak slightly, and any reaction between the Perspex walls and the solution was reduced 
to a minimum.
The cell housing, described in detail elsewhere,7 consisted of a box of black Perspex contain­
ing baffles through which a stream of cold gas could be passed. The cell, immersed in liquid 
nitrogen, contained in a Dewar flask attached to the bottom of the cell housing could be 
raised into the light path for measurement, and a heater, also immersed in the liquid nitrogen, 
could be regulated so that the rate of flow of cold nitrogen gas past the cell, and hence the 
temperature of the cell, could be controlled accurately.
The optical densities of the glasses, before and after irradiation, were measured against air. 
In order to obtain the spectra required, the experiments were repeated, under the same 
conditions, for pure solvent. These spectra were then subtracted after a suitable correction had 
been made for differences in the degree of cracking of the glasses by subtracting a zero reading, 
obtained by measurement in a region of the spectrum in which no specific absorption occurred, 
from optical densities at all wavelengths. (This correction depends upon the arbitrary 
assumption that scattering due to cracking is not a function of wavelength: thereby, the errors 
introduced are largely cancelled, since the corrections required were usually very similar.)
The lowest temperatures attained, measured by a thermocouple in the cell holder, were about 
20° above the b. p. of the coolant. W hilst this was satisfactory for studying the most interest­
ing spectra, it was not cold enough for studying spectra of species formed in certain solid hydro­
carbon glasses such as those used by other workers.3’4®
Photolyses.— Glasses in the cells immersed in liquid nitrogen, were irradiated with light, 
consisting largely of 2537 or 3650 A wavelengths for periods of up to 6 hr. The sources were a 
low-pressure 150 w  mercury arc with a discharge in the shape of a finger 4 in. long and jacketed 
by an evacuated quartz envelope (2537 A), and a medium-pressure, 250 w  mercury arc used in 
conjunction with an aluminised mirror. The low-pressure arc was immersed directly in the 
coolant, the evacuated envelope effectively preventing heat transfer which would otherwise 
extinguish the lamp .6
The small five-line electron-spin resonance signal detected after irradiation of ethanol 
glasses at 2537 A is ascribed to ethanol radicals, CH3*CH>OH. These may arise from a variety 
of causes: (i) As the result of direct photolysis according to the equations:
C H 3- C H 2- O H  ►- C H 3- C H - O H  +  H -
H - +  C H 3- C H 2- O H  H a +  C H 3- C H - O H
It is unlikely that 2537 A light could accomplish this since there is no electronic absorption band 
in this region. However, low-pressure mercury lamps emit weakly in the 1900 A region, where 
alcohols absorb strongly. Since ethanol exposed to ionising radiation gives a similar five- 
line spectrum 8j 9 it is possible that this is the process involved.
(ii) The radicals may arise by abstraction of hydrogen by photo-excited oxygen molecules 
fortuitously present in solution, or by hydrogen-atom exchange between ethanol and traces of 
acetaldehyde:
C H 3- C H 2- O H  +  C H 3- C H O  ► 2 C H 3-C H - O H
Work now being undertaken m ay yield definite conclusions.
Similar electron-spin resonance spectra were sometimes recorded after exposure of alcoholic 
solutions to 2537 A light. These signals were compared with those obtained from the solvent 
alone under identical conditions, and if this proved to be appreciably less intense it was assumed 
that electron-spin resonance results gave no evidence for the formation of radicals from the 
substrate. This assumption, whilst open to question, will be made throughout the discussion. 
No electron-spin resonance signal was detected after irradiation of solvent with 3650 A light, so 
this difficulty does not then arise.
R e s u l t s
Spectral details are summarised in the Table. Representative spectra are reproduced 
in Figs. 1, 2, and 3.
Photolysis of Hydrogen Peroxide.—In primary and secondary alcohols a violet colour 
appears after prolonged irradiation of dilute solutions. An extinction coefficient of about 
300 was estimated for the band at 520 mp by determination of the peroxide concentration 
before and after irradiation. This value is a lower limit because a radical-induced 
decomposition of residual hydrogen peroxide probably occurred during warming-up.
F ig . 1. Spectrum of a solid
of benzoyl peroxide in ethanol.
—O- After irradiation with 2537 A 
light.
-  X -  After warming to room temper­
ature.
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0 25 F ig . 2. Spectrum of a solid solution 
of aa'-azoisobutyronitrile in ethanol.
~ 0 — Before irradiation.
-  X -  After irradiation with 3650 A 
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Fig. 3. Spectrum of a solid solution of hydrogen 
peroxide in ethanol after irradiation with 3650 A
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TheThere is considerable speculation regarding the nature of the violet species, 
following experiments were carried out in an attempt to clarify the situation (see p. ). 
{a) The violet glasses were exposed to visible light for prolonged periods: no bleaching or 
change in the electron-spin resonance spectrum was detected. (b) Ethanol solutions were 
saturated with anhydrous lithium chloride: no change from the normal spectrum was 
detected after irradiation, (c) A solution of hydrogen peroxide in ethanol was degassed by 
repeated freezing under vacuum (10~4 mm.), and the container was sealed under vacuum 
before irradiation. Again, no change in the properties of the irradiated sample was 
apparent.
Striking evidence for the conversion of one unstable species into another before 
completion of reaction was obtained by studying the effect of a gradual increase in temper­
ature upon the visible spectra of violet glasses containing excess of hydrogen peroxide.
By slowly decreasing the rate of flow of cold gas through the cell-housing, it was possible 
to obtained a temperature gradient along the cell such that the lower portion remained 
violet, the centre became bright, yellow, and the uppermost portion colourless. I t  proved 
very difficult to measure the spectra of the yellow glasses because it was impossible to 
prevent a cloudiness’s appearing simultaneously with the yellow colour. However, 
in one attempt a marked shoulder in the 3700 A region was recorded. It is suggested that 
the yellow compound is H 0 2’ formed by the reaction
r 2c - o h  +  h 2o 2 - — r 2c h - o h  +  h o 2- ■
This reaction is energetically favourable compared with the alternative hydroxyl-radical 
displacement postulated by Merz and Waters.10 The yellow colour is only observed when 
a large excess of peroxide is present. Livingston, Ghormley, and Zeldes11 observed 
electron-spin resonance absorption in yellow solids obtained by condensing products from 
an electric discharge through water vapour. They consider that their results are best 
interpreted by the assumption that the paramagnetic species is HO 2*.
Another example of colour change during softening of the glass is furnished by 
irradiated disulphur dichloride in methylcyc/ohexane. At 77° k  this glass was intensely red, 
but on careful warming, the colour changed to blue before being lost entirely. Photolysis 
of a similar solution in 3-methylpentane, a softer glass, gave the blue species directly. 
Electron resonance studies showed that the glasses were paramagnetic, but the spectra are 
complex and insufficient is known to warrant discussion of the possible species formed. 
Sowden and Davidson also irradiated disulphur dichloride, but made no mention of colour.3
Photolysis of Ethyl Iodide.—No electron-spin resonance absorption attributable to 
radicals formed from ethyl iodide dissolved in ethanol was detected after irradiation for 
several hours. Willard and his co-workers 12 also failed to detect resonance from solid 
ethyl iodide after exposure to 2537 A light, although a spectrum of six lines, attributed to 
ethyl radicals, was obtained after exposure to y-radiation.
However, addition of iodine to the irradiated ethanolic solutions after warming-up 
resulted in the formation of tri-iodide, thus showing that iodide has been formed during 
photolysis. Willard and his co-workers 12 established conclusively that an important 
reaction during photolysis leads to the formation of ethylene and hydrogen iodide, C2H5I 
—>- C2H4 +  HI, and our results suggest that this is the only important reaction occurring 
under our conditions.
Photolysis of au -Azoisobutyronitrile.—This nitrile, which is used extensively as a source 
of free radicals in vinyl polymerisation, has a band of low intensity at 340 mpi.13 Photolysis 
with 3650 A light caused a rapid shrinking of this band and a parallel increase in a band at 
2850 A. On warming to room temperature, this new band was also destroyed. No 
electron-spin resonance absorption was detected at any stage. The new band is very 
similar to that attributed by Talat-Erban and Bywater 13 to the unstable compound 
Me2C.‘C!N-C(CN)Me2, for which they estimated a value of 125 for the extinction coefficient. 
We estimate a value of 25, assuming complete conversion of the aa'-azofsobutyronitrile into 
the species absorbing at 2850 A, so if the new compound is Me2C:C:N-C(CN)Me2 then the 
reaction
Me2C(CN)-N:N-C(CN)Me2  ► N2 +  Me2CC:N*C(CN)Me2
contributes about one-fifth to the total decomposition.
Other possible paths, not involving radicals, are
Me2C(CN)’N.’N,C(CN)Me2  >- N2 +  Me2C(CN)-C(CN)Me2
and
Me2C(CN)-N.'N-C(CN)Me2  ► Na +  Me2CH-CN +  CH2:C(CN)Me.
None of these products would be detected spectrophotometrically. When the nitrile 
was photolysed in a glass consisting largely of acrylonitrile, no polymer separated on warm­
ing. This is in contrast with the behaviour of a similar system in which the nitrile was 
replaced by hydrogen peroxide,14 and the result provides further evidence for the absence 
of radicals.
Photolysis of Benzoyl Peroxide.—Benzoyl peroxide absorbs at 2750 A, emax. =  2340. 
During the first few minutes of photolysis with 2537 A light an intense yellow colour was 
observed. Two new bands were found at 3650 and 3050 A and both were rapidly lost on 
softening. No electron-spin resonance absorption was detected. The extinction coefficient 
for the band at 3650 A was found to be approximately 5600 by titrimetric estimation of the 
peroxide before and after irradiation. This is an upper limit if recombination can occur 
during warming-up.
It is possible that the unstable species is a non-radical such as the zwitterion (I), but it 
is also possible that the spectrum is due to benzoylperoxy-radicals which, for some reason, 
do not give rise to a detectable electron-spin resonance absorption. One way whereby 
/ - = \  o*COPh this could occur would be for the radicals to be trapped so close together
X  that the irradiated glass consists of isolated pairs of radicals, each
2 sufficiently close to the other to give rise to spin-spin broadening. This 
could occur because of the large size and stability of benzoylperoxy- 
W radicals. The magnetic interaction could spread out the resonance
absorption beyond the limits of detection, but would not appreciably affect the ultraviolet
absorption.
Absorption maxima (Amax. A), extinction coefficients (emH.), and electron-spin resonance 
results. (N  is the number of hyperfine lines.)
Concn.
Solvent Solute (mol./l.) Colour Amax £max N
MeOH ...........................  H20 2 10- 2 Violet 5200 300 3
EtOH ...........................  H20 2 10- 2 Violet 5200 300 5
PrnOH ...........................  H20 2 HP2 Violet 5200 300 5
PdOH .......................... H20 2 10- 2 Violet — — 7
cyc/oHexanol ...............  H20 2 10~2 Orange 4500 300 6
#erh-Butanol...................  H2Oa 10~2 Colourless — — 3
Diethyl ether ...............  H20 2 HP2 Violet — — —
Glycerol .......................  H20 2 1CP2 Violet — —  1°
Ethylene glycol ...........  H20 2 1(P2 Violet — — 1 a
Acetic acid ...................  H2Oa 10-2 Violet — — b
Formic acid ............... H20 2 1(P2 Violet — —; b
Allyl alcohol  ...........  H20 2 1(P2 Yellow — 4
EtOH ...........................  Me3C-0-OH 1(P2 Violet — — 5
EtOH ...........................  (Me3CO)2 KP1 Colourless — — Nil ' d
EtOH ...........................  C102 10- 1 -Violet — — b
Methylcyc/ohexane ...... C102 10_1 Colourless — — b
EtOH  .......................  (Ph-C02)2 1 0 3 Yellow 3650 6000 N il' d
Methylcyc/ohexane .......  (Ph*C02)2 1CP3 Yellow — — Nil d
EtOH .......................  e KP1 Colourless 2850 — Nil
EtOH ........... ................ EtI HP1' Colourless — — N il' d
Methylcyc/ohexane .......  S2C12 HP1 Red — ■ ;— b d
3-Methylpentane ...........  S2C12 HP1 Blue —  — b d
a — Signs of hyperfine structure, b =  Complex spectrum, c =  Small 5-line spectrum as found 
for EtO H  alone, d =  2537 A R ad iation: otherwise 3650 A. e — aa'-Azoisobutyronitrile.
D is c u s s io n
In many instances the course of photolysis in rigid media seems to differ from that in 
fluid media or the gas phase. Sometimes a substance which is readily photolysed in 
solution is not decomposed at all when the medium is rigid.4® We have found, in' agree­
ment with Sowden and Davidson,4® that prolonged irradiation of a very dilute solution of 
iodine does not result in loss of colour and there is no detectable electron-spin resonance 
absorption. This result fits in well with those of Lampe and Noyes 15 and suggests that a 
cage back-reaction of high efficiency is operating.
Possibly because of such back-reactions, processes which can follow both radical and
non-radical paths in the fluid state seem to follow a non-radical path only in rigid media. 
Examples are ethyl iodide and aa'-azowobutyronitrile. I t  is not clear whether or not 
radicals are transiently formed within the solvent cage before the formation of the non­
radical products detected. 1
When radicals are trapped, they are generally found to be derived from the solvent. 
For example, hydroxyl radicals, which are presumably the first product in the photolysis 
of hydrogen peroxide, have not been detected; instead, the evidence is strong that they 
either extract hydrogen from the solvent or add to unsaturated compounds. The mode 
of interaction occurring when hydrogen peroxide is photolysed in solid acetic or formic 
acid is still obscure. For acetic acid, there seem to be four possibilities: (a) extraction of 
a-hydrogen to give •CH2,C02H; (6) attack on carboxylic hydrogen to give CH3-C02-; 
(c) addition to give CH3*C(OH)2; and (d) addition to give CH3*C(0H)*0,0H.
O
Evidence from reactions at room temperature is ambiguous.10’16 Also, electron-spin 
resonance results, although they prove conclusively the presence of trapped radicals, do not 
give an unambiguous identification. The appearance of a violet colour after prolonged 
irradiation, however, if our postulate be accepted, indicates the presence of the :^C-OH 
group, and hence points strongly to alternative (d). If addition to the carboxyl group can 
occur, one might expect that the direction of addition would be such as to give (d) rather 
than (c) since far more delocalisation of the unpaired electron is possible in (d), and the 
hydroxyl radical, being electrophilic, will tend to avoid the positively polarised carboxyl 
carbon. If such addition occurred at room temperature, it would probably be reversible 
and not detected.
Nature of the Violet Species.—This problem has been discussed,5 and it was concluded 
that, in ethanol, the violet colour was due to the radical CH3*CH*OH. These radicals 
could well have a low-energy transition involving partial charge-transfer between a-carbon 
and oxygen. However, some recent results 9 cast doubt on this concept so the problem 
requires further consideration.
All primary and secondary alcohols so far studied become violet after photolysis of 
dilute solid solutions of hydrogen peroxide, or have a broad band in the 500 mjji region. 
Tertiary alchols do not develop a band in this region. Irradiation of tert-butyl hydro­
peroxide or chlorine dioxide in ethanol gives the same colour, but no colour develops 
when either is irradiated in a mixed hydrocarbon glass. Thus primary or secondary 
alcohols seem to be necessary ingredients.
Evidence is presented in Part I I 17 that primary and secondary alcohols lose a-hydrogen 
under these conditions. If this is correct, then only when the unit ^:C-OH is present is a 
band in the 500 mp. region found.
Alger et alp have observed similar colours after high-energy irradiation of solid alcohols. 
There is one remarkable difference, however: alcohol glasses so coloured are readily 
bleached by visible light whereas our glasses are unaffected. Alger et alp obtained very 
similar electron-spin resonance spectra to ours, and observed no change in these spectra 
after photo-bleaching. They therefore concluded that the coloured species are not the 
free radicals which give rise to the resonance absorption. The reason for this surprising 
difference is not understood.
One alternative explanation is that colour-centres are formed, similar to E-centres 
found in ionic crystals. Photolysis of triphenylmethyl-lithium in an E.P.A. glass (i.e., one 
made from diethyl ether, fsopentane, and ethanol) results in photoionisation, but no dis­
crete absorption due to unpaired electrons appeared in the visible region of the spectrum.46 
Again, our experiments with solutions saturated with lithium chloride strongly suggest 
that trapped electrons are not the cause of colour, since lithium ions would surely provide 
good traps for ejected electrons and as a result new colour centres would be formed.
Alternatively, the colour might be due to radical-positive ions remaining after loss of 
electrons. Such a postulate is reasonable when high-energy radiation is employed, but 
photo-ionisation is unlikely to be induced by light of 3650 A wavelength.
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47. Unstable Intermediates. Part I I .1 Photolysis of Hydrogen 
Peroxide in Solid Alcohols: Some Reactions of Hydroxyl Radicals.
By J. F. G i b s o n , M. C. R. S y m o n s , and M. G. T o w n s e n d .
When hydrogen peroxide, in dilute solution in alcohols at 77° k , is 
photolysed, characteristic changes in the visible and ultraviolet spectra 
are accompanied by intense electron-spin resonance signals containing marked 
hyperfine structure. Previous results 2 have been extended by varying 
the irradiation conditions and the choice of solvent. In particular, the 
electron-spin resonance spectra recorded during the initial stages of photolysis 
and during warming-up are discussed. The hyperfine patterns, attributed 
to radicals derived from alcohols, can be interpreted in terms of a-hydrogen 
abstraction in certain cases. Possible explanations for the other spectra are 
presented and discussed in terms of the known reactivity of hydroxyl radicals.
P h o t o l y s is  1>2>3 of dilute solid solutions of hydrogen peroxide by 3650 A light is a general 
method for producing trapped radicals which can then be studied in detail by ultraviolet 
and electron-spin resonance spectroscopy. The trapped radicals always arise through loss 
of hydrogen by the solvent or addition of hydroxyl radicals to double bonds. Results 
of those previous experiments are now summarised, and new results obtained from a wide 
range of saturated aliphatic alcohols are reported. The results are tabulated, and 
representative spectra reproduced in the Figures. During the initial stages of photolysis, 
except for very dilute solutions, a single line with a shoulder at low field strength is observed 
(Stage I). After a few minutes another spectrum appears, and after prolonged irradiation, 
this completely masks the former (Stage II). This new spectrum invariably contains 
considerable hyperfine structure. Finally, when the temperature of the glass is allowed 
to approach the softening point, the Stage II spectrum is lost, and two alternative spectra 
are observed (Stage III). Sometimes an asymmetric line similar to that at Stage I is 
recorded, and at others a single, relatively narrow symmetrical line is found. Further 
increase in temperature results in complete loss of signal. These changes, which are 
independent of the alcohol, are summarised in the Figures. A further complication 
appeared; the general appearance of the Stage II spectra seems to depend on the conditions, 
and at times the relatively simple spectra recorded earlier 2 are found to be considerably 
more complicated (see Fig. 4).
The experimental procedures were as previously described.1 For some experiments a 
resonance cavity constructed for irradiation in situ was employed 4 which gave results 
identical with those obtained by periodically transferring the specimen from a Dewar 
flask containing liquid nitrogen into the cooled cavity.
Fujimoto and Ingram 4 repeated many of these experiments and largely confirmed our 
results. The few differences which do occur will be commented on as appropriate. Their 
interpretations, which are quite different from ours, will be discussed in Part I II .8
R e s u l t s  a n d  D is c u s s io n
The results are presented in the Table and Figures and will be discussed in the following 
order:
(i) Nature of the Changes occurring during Initial Photolysis, and Thermally after Photo­
lysis (Stages I—III).—Alcoholic solutions which are 0*1m  or stronger in hydrogen peroxide 
will probably contain some clusters of hydrogen peroxide molecules. Such clusters will 
be increasingly important as the length of the hydrocarbon chain increases. On photolysis, 
such units would probably decompose according to the sequence
H20 2 +  h v  >- 2*01-1
•OH +  H20 2-------► HaO +  H 02*
thus giving rise to H 0 2- radicals. This is likely to occur more readily than the main 
reaction of hydrogen abstraction from the solvent, and since, at the temperatures employed, 
H 0 2* radicals would not attack the solvent, the first radicals to be detected by electron-spin 
resonance would be H 0 2\  When such units are consumed, the major reaction becomes 
abstraction, by hydroxyl, of that hydrogen atom in the solvent molecule most susceptible 
to attack and, superimposed upon the small signal from H 0 2* radicals (Stage I), the spec­
trum of the solvent radicals will appear (Stage II).
If, subsequently, the glass is allowed to soften sufficiently to permit migration of the 
solvent radicals (R*), then more H 0 2* radicals would be formed, provided some hydrogen 
peroxide remains, and the single asymmetric line could again predominate:
R- +  H20 2------> - RH +  H 0 2-
If the warming-up is allowed to continue then oxygen formed during reaction, and any 
oxj/gen originally present, would also be liable to interact with all radicals:
In the absence of excess of hydrogen peroxide, reaction with oxygen would be the 
only reaction likely to result in the formation of a different radical species (Stage III).
F ig .  2. E le c t r o n - s p in  re s o n a n c e  s p e c tra  f r o m  
p h o to ly s e d  s o lu t io n s  o f  h y d ro g e n  p e r o x id e  i n  
p r o p a n - 2 - o l .
F ig .  1. E le c t r o n - s p in  re s o n a n c e  s p e c tra  f r o m  p h o to ly s e d  
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H tOO gauss
(a )  After 3 min. (Stage I). (6) After 15 min. (Stage I
and Stage II). (c) After partial softening and re­
freezing (b ) (Stage III), (d )  After further warming 
and refreezing (c) (Stage III).
50 g a u s s H
(a )  After 5 min. (Stage I). (b) After 30
min. (Stage II). (c) After partial soften­
ing and refreezing (b) (Stage III).
R* -j- 0 2  RO2 "
and ho2- +  Oa ► ho4-
or •OH -R Oa HOg-
If these considerations concerning possible radical species are correct, then the electron- 
spin resonance spectra shown in Figs. la  and 2a must be attributed to the H 0 2* radical. 
The shape of this line is characteristic of radicals having a variation in g-value with 
orientation in the magnetic field. This means that the orbital containing the, unpaired 
electron has axial symmetry. If the peak at g — 2-004 is attributed to that extreme in 
which radicals are perpendicular to the field (g±), then the shoulder at g == 2-024 is due to 
radicals lying parallel with the field (gy). These values for gy and g± may be compared 
with those obtained by Livingston et al. , 5 and attributed to H 0 2*, namely, g± — 2-008 and 
gn — 2-027. The spread is almost identical and the slight difference in absolute value 
is probably within experimental error.
I t is noteworthy that Livingston et al. 5 observed a yellow colour in solids thought to 
contain H 0 2\  We found that when a purple alcohol glass containing a large excess of 
hydrogen peroxide is allowed to warm under controlled conditions, the violet changes to 
yellow before complete loss of colour.1
Further support for the postulate that the asymmetric line is caused by H 0 2- comes 
from the fact that .when alcohols are irradiated with X-rays or high-energy electrons, 
electron-spin resonance and ultraviolet spectra are recorded which are generally very 
similar to those recorded here (Stage II) but an asymmetric single line has never been 
detected in these studies. Thus, hydrogen peroxide is an essential ingredient.
Comparison of the spectrum attributed to H 0 2* with that found for its conjugate base, 
0 2~, shows that these lines are very similar in form, but that the variation in g-value is 
very much greater in the case of superoxide.6 For superoxide in the absence of asymmetric 
electric fields one would predict gy = 4  and gj_ =  0, and the experimental values of 
gy =  2-175 and g± =  2-002 show that strong asymmetric fields lift the degeneracy of the 
7r orbitals, thus quenching spin-orbit coupling. In H 0 2*, the strong field of the proton 
splits the levels to an even greater extent, and hence the observed g-values are reasonable.
Little can be said about the nature of the single symmetric line often observed during 
warming-up. The ozonide ion, 0 3~, shows little or no variation in g-value, but the line is 
broad and the g-value of 2-012 is quite far from the average value of 2-004 found for alcohol 
radicals.7 Further loss of symmetry would decrease spin-orbit coupling still further and 
therefore there seems no inconsistency in this sense, with the theory outlined above, that 
the single line is caused by addition of oxygen, and indeed, this postulate has often been 
made in other contexts. It has been suggested that this single line is to be associated 
with some sort of charge-transfer process whereby an electron passes from an alcohol 
radical to a neighbouring molecule.4 It is not clear why such a process should give rise 
to a single narrow line, or why the transfer should occur when the solvent molecules have 
no low-lying vacant orbital. The further conclusion 4 that this process is only effective 
at 90° and not at 77° is not confirmed by our results since the specimen which gave rise to 
the spectrum recorded in Fig. Id gave exactly the same spectrum when recorded at 77° 
and at 110° k.
Details of electron-spin resonance spectra obtained from irradiated solid solutions of 
hydrogen peroxide in various alcohols.
Hyperfine Hyperfine
No. of splitting No. of splitting
hyperfine constant hyperfine constant
lines (gauss) lines (gauss)
MeOH 3 19 ButOH ............. 3 24
EtOH ............... 6 (10, a, e) 22 %-Pentyl alcohol 7, c 20
PrnOH ................. 5 (6, b) 22 isoPentyl alcohol 7, 4, c 21, 21
Pr*OH .................. 7 (6, a) 20 iert-Amyl alcohol 5, c 25
BunOH ...................  7, c 20 Allyl alcohol ....... 4 13
BwOH 23 cyc/oHexanol....... 6 20
BusOH ,...................  6 21
a = Occasionally observed. b ==■ Ref. 4. c =  Poorly resolved, therefore H.F.S. constant is ;
approximate value.
( 8 8 5 )
The phenomena discussed above, and illustrated in Figs. 1 and 2 for n- and wo-propyl 
alcohol, were also observed for other alcohols and seem to be quite general. The 
asymmetric line previously reported for ethanol 2 was a consequence of partial warming-up 
during measurement and is now attributed to H 0 2*.
(ii) Position of Attack on the Alcohol Molecule as inferred from Electron-spin Resonance 
Spectra (Stage II) .—Unfortunately, in only a few cases can the Stage II electron spin 
resonance spectra be interpreted with some certainty. One might have expected that 
this technique would have given quite unambiguous results, as is often the case for complex
F ig . 3. Electron-spin resonance spectra attributed to 
alcohol radicals,
'“La/I
5 0  g a u s s SO gauss
F ig . 4. Alternative electron-spin 
resonance spectra for alcohol radicals.
S O g a u ss SO gauss
SO g a u s s
SOgauss
(a) Ethanol. (b) Propan-2-ol.
(a) Ethanol. (b) Propanol, (c) zsoButanol. (d) tert.- 
Amyl alcohol. (e) zsoPentyl alcohol. (/) isoPentyl 
alcohol.
aromatic radicals and radical ions in solution. This is not so, largely because rigid glasses 
have to be used, and hence dipolar interactions are considerable and give rise to broad 
lines. In mobile solution, these effects are averaged to zero, leaving only the isotropic 
interaction, which results in very narrow lines. This severe limitation means that with 
lines about 15 gauss wide at half-height and with hyperfine splitting constants of the 
order of 20 gauss, resolution is very poor, and small differences between different hydrogen 
atoms cannot be detected.
. We have suggested 2 that the observed hyperfine patterns arise through interactions 
between unpaired electrons and the nuclei of a- or [3-hydrogen atoms. This a-(3 rule will
be assumed throughout this discussion and an attempt will be made to justify this 
assumption in Part I II .8
The simplicity and apparent symmetry of derivative spectra can often be deceptive. 
For example, the spectrum recorded for the anthracene positive ion 9 contains 19 or 21 
lines with apparently equal spacing for all lines.; However, better resolution has shown 
that this is fortuitous, the new spectrum containing about 50 lines which are by no means 
evenly distributed.10 All that can be done is to assume that the spectra are as simple as 
they appear, but this assumption may be far from the truth.
Methanol, ethanol, and propan-2-ol present reasonably well-resolved spectra of 3,5, and 
7 lines having an approximately gaussian distribution of intensities. The hyperfine splitting 
constants of 19, 22, and 20 are quite in accord with the postulate that a-hydrogen is 
removed in each case, giving, respectively, *CHa*OH, CH3*CH*OH, and (CH3)2C*OH.2’8
Ar/.-Butyl alcohol and tert.-amyl alcohol give 3 and 5 lines, and it is postulated that 
the predominating radicals are respectively CHyCMeyOH and CH3-CH-CMe2-OH.
From these conclusions one can deduce that a-hydrogen atoms are abstracted in 
preference to primary (3-hydrogen atoms, and that in the absence of the former, secondary 
are abstracted in preference to primary hydrogen atoms.
From this stage onwards, however, interpretation of electron-spin resonance spectra 
is somewhat arbitrary. This can be illustrated by a consideration of the spectrum from 
propan-l-ol. We reported earlier an unsymmetrical five-line spectrum.2 Further study 
has enabled us to obtain a quintet of far greater symmetry (Fig. 3b). Integration of this 
derivative shows that the line-intensity ratios are close to binomial distribution and that 
the hyperfine splitting constant is about 22. We suggested that the 5-line spectrum was 
built from a single central line and a symmetrical quartet. The better resolution and 
greater symmetry of the spectrum (Fig. 3b) render this interpretation untenable. Alger, 
Anderson, and Webb 11 obtained a spectrum very similar to ours after bombarding solid 
propan-l-ol with A-rays or high-energy electrons. These spectra were reproducible and 
were quite similar when observed at 77° or 90° k . The spectrum shown in Fig. 15 represents 
a halfway stage between Stage I and Stage II.
In contrast, Fujimoto and Ingram 4 found that a six-line spectrum results when 
hydrogen peroxide is photolysed in rigid propanol, sometimes accompanied by a single 
line. The reason for these differences is not understood, so interpretation is speculative.
The most obvious parameter to vary is the point of attack, which could be on the 
a-» fK y~, or hydroxyl-hydrogen atoms, resulting in the radicals (I)—(IV). If one makes 
the simplifying assumption, justified in the case of ethanol, that a- and (3-hydrogen atoms 
will have about equal splitting, then the first radical should give 4 lines, the second 7, the 
third 5, and the fourth 3.
c h 3c h 2-c h * o h  c h 3-c h -c h 2- o h  c h 2-c h 2-c h 2- o h  c h 3-c h 2*c h 2- o
(I) (II) (III) (IV)
Both in our experiments, and when high-energy radiation is used, an intense violet 
colour develops during irradiation. We have suggested that this colour is caused by 
radicals of structure RgOOH.1 If this be accepted, then one must conclude that radical 
(I) is present at least in part. However, only radical (III) seems to fit in with the experi­
mental result. I t will be shown below that this is unlikely on chemical grounds, so at 
present we can find no reasonable explanation for this spectrum.
Before leaving the problem of the propan-l-ol radical, one should consider the types 
of spectra to be expected if a- and (3-hydrogen atoms do not give nearly equal interaction. 
(The postulate that roughly equal interaction is to be expected will be considered in detail 
in Part I II .8 However, inspection of the data for methanol and propan-2-ol shows that 
differences will not be great and certainly one would not expect to find a factor as large 
as 2 involved.) For radical (I), it is possible that the (3-hydrogen atoms would give a
slightly different splitting from the remaining a-hydrogen atom. This state of affairs is 
illustrated in Fig. 5. When ax — a2, a four-line spectrum results. If a1 >  a2 a sextet 
(1 : 1 : 2 : 2 : 1 : 1) with unequal spacing would be found, but for small differences and 
broad lines, this would still, appear as a badly resolved quartet. If a± =  2a2 a sextet of 
equally spaced lines would be found, but this extreme difference has already been rejected. 
Again, if a2 =  2a± a symmetrical quintet (1 : 2 : 2 : 2 : 1) would result, but this extreme is 
equally unlikely.
The difficulty encountered with propan-l-ol is also met with in the case of the higher 
normal primary alcohols. Thus for w-butanol, our spectrum appears to be either a 6- 
or a 7-line pattern with a strong central line superimposed. Alger et al.11 obtained a 
7-line spectrum, poorly resolved but apparently symmetrical, and Fujimoto and Ingram 
reported a 6-line spectrum.4 We cannot offer any simple explanation of these spectra.
The iso-primary alcohols give patterns which are more susceptible to interpretation. 
The most probable points of attack are now the a- and the tertiary hydrogen atoms. 
For isobutanol the two radicals to be expected are (CFI3)2CH*CH*OH and (CH3)2C*CH2OH, 
which should give rise to 3 or 9 lines respectively, if all a- and (3-hydrogen atoms are nearly
F ig .  5. H y p e r f in e  s t r u c tu r e  e x p e c te d  f r o m  tw o  
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equivalent. The spectrum (Fig. 3c) consists of eight poorly resolved lines. Accordingly, 
we postulate that the tertiary hydrogen atom has been attacked preferentially, but that 
for some reason, one of the eight (3-hydrogen atoms is not interacting with the unpaired 
electron.
It is interesting to compare this result with that of Alger et al.11 who find a well-defined 
triplet, very similar to that obtained from methanol. It would seem reasonable to postulate 
that loss of a-hydrogen has occurred under these conditions.
In contrast, the spectrum obtained from isopentyl alcohol after exposure to 
high-energy radiation11 consists of 9 lines, which points strongly to the radical 
(CH3)2C'CH2'CH2,OH. Our spectrum of 7 lines (Fig. 3c) could well be part of the same
9-line pattern, since the intensity of the outermost lines in a 9-line spectrum from eight 
equivalent hydrogen atoms will only be l/70th of that of the central line and could easily 
be lost in background noise. However, under some conditions the spectrum appears 
to be a very poorly resolved quartet (Fig. 3/), which is what one would expect for the 
radical (CH3)2CH-CH2*CH*OH resulting from attack on a-hydrogen. We are not certain 
yet what precise conditions are required to give these alternative spectra.
see.-Butyl alcohol gave a very poorly resolved sextet with a hyperfine splitting constant 
of about 22 gauss. It is tempting to assign the structure CH3*CH2*CMe*OH to this radical, 
but the radical CHg’CH'CHMe-OH would also be expected to give six lines.
The spectra recorded in Fig. 4a and b are reproduced here to illustrate the fact that 
reproducibility is not as good as one would wish. As yet, we have found no systematic 
trends in variation of environment which will account for these differences. Occasionally 
some fault in instrumentation may cause these phenomena but if this is so, it has as yet 
escaped detection.
If the differences observed reflect real differences in the trapped radicals then there 
are two alternative explanations, One is that slight differences in environment can give
rise to modifications in the interactions between protons and unpaired electrons in a given 
type of radical, and the other, that slight differences in experimental procedure can result 
in the formation of different radical species.
We do not yet propose to discuss the former explanation. The latter appears improbable 
on chemical grounds, but so little is known about reactions under these conditions that it 
ought to be considered. The spectrum obtained from ethanol (Fig. 4a) can be built up 
from two 5-line spectra having hyperfine-splitting constants of 22 and 25 gauss. The 
normal 5-line spectrum thought to be caused by CH3*CH‘OH radicals has a constant of 
22 gauss: the other spectrum could then arise from the radical CHyCHyOH.
Similarly the unusual propan-2-ol spectrum (Fig. 4&) can be obtained by superimposing 
a set of 4-lines having a hyperfine-splitting constant of 27 gauss upon the usual 7-line 
spectrum. This could be caused by CHyCHMe*OH radicals. We conclude that, if a 
considerable amount of (3-attack occurred, one might well obtain spectra such as those in 
Fig. 4a and h. There are doubtless many other possible explanations, but if this inter­
pretation were correct, one is at once faced with the difficult problem of understanding 
why attack is selective at one time and non-selective at others.
(iii) General Observations on the Activity of Hydroxyl Radicals.—-In view of the 
preceding discussion it is advisable to turn to some other criterion to obtain information 
about the radicals resulting from attack by hydroxyl radicals on alcohols. Accordingly, 
the behaviour of hydroxyl radicals with respect to attack on hydrogen is briefly reviewed.
Important amongst the factors influencing relative rates of attack by radicals on 
various hydrogen atoms in a molecule are the stability of the displaced radical, the degree 
of bond breaking in the transition state, and the electrophilic or nucleophilic nature of 
the radical. The discrimination observed will also be a function of the temperature, 
increasing generally as the temperature is lowered.
The stability of the displaced radical will be important only if a considerable degree 
of C-H bond breaking has occurred before the transition state is reached. Comparison 
of the behaviour of methyl radicals on the one hand and chlorine atoms on the other has 
led to the conclusion 12 that only in the former case is the degree of bond breaking extensive. 
That means that when chlorine atoms attack hydrogen, the stability of the displaced 
radical is unimportant, and the overriding directive influence is the inductive effect of 
substituents. Chlorine atoms, with a high electron affinity, seek electron-rich centres and 
therefore selectively avoid a- and, to a less extent, (3-hydrogen atoms in alkyl halides and 
carboxylic acids. The reverse is true for methyl radicals.
Hydroxyl radicals he between these two extremes. Their electron-affinity is consider­
ably smaller than that for chlorine atoms, whilst the proton affinity of hydroxide ions is 
much smaller than that for methyl negative ions.
The hydroxyl group in alcohols has a far weaker inductive effect than either chlorine 
or carboxyl and hence the tendency for electrophilic radicals to avoid a-hydrogen atoms 
will be less for alcohols than for alkyl halides or carboxylic acids.
All experimental data point to the conclusion that free radicals, whatever their nature, 
attack primary and secondary alcohols and ethers on a-hydrogen. Little is known about 
the reactions which occur between hydroxyl radicals and alcohols at room temperature, 
but, if one accepts the postulate that Fenton’s reagent reacts as a source of hydroxyl 
radicals, then this reagent’s reacting with propanol to give propionaldehyde establishes 
that a-attack is significant.13 However, tert.-butylperoxy- and benzoylperoxy-radicals 
probably resemble hydroxyl radicals fairly closely, and both these reagents attack alcohols 
and ethers readily on a-hydrogen.14’15 In the absence of a-hydrogen atoms, reaction is 
much slower.14 (The conclusion that, in the absence of a-hydrogen, hydroxyl radicals 
attack hydroxyl-hydrogen 13 is not upheld by our results, which establish conclusively 
that, under our conditions, attack on (3-hydrogen predominates.)
We conclude on chemical grounds that attack by hydroxyl radicals on primary and
secondary alcohols will occur on a-hydrogen. If this is correct, then the uninterpreted 
electron-spin resonance spectra recorded must be due to radicals of type R 2C‘OH and 
there is some factor, so far overlooked, which would make this conclusion intelligible. 
The same conclusion was reached in Part I on spectroscopic grounds.1 
, When a tertiary hydrogen atom is present in the alkyl group as in the iso-primary 
alcohols, attack on this atom would be more favoured than on other primary or secondary 
hydrogen atoms because the C-H bond strength is relatively small and the displaced radical 
is greatly stabilised by the two methyl groups. Our results suggest that there is a rather fine 
balance between a-attack and attack on tertiary hydrogen: if this is correct, then one can 
again conclude that a-attack will predominate in the absence of tertiary hydrogen. These 
results can be compared with those of Kenyon and Symons who concluded that hydroxyl 
radicals attacked the anions of branched-chain carboxylic acids preferentially on tertiary 
hydrogen.16
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48. Unstable Intermediates. Part I I I .1 Proton Interaction in 
Aliphatic Free Radicals.
By M. C. R. S y m o n s .
Values of hyperfine splitting constants obtained from electron-spin 
resonance spectra of aliphatic free radicals are correlated on the basis of 
certain simplifying assumptions. When radicals have been identified with 
reasonable certainty, good agreement is obtained: in other cases the observed 
splitting is of value for identification.
Interaction between unpaired electrons and (3-hydrogen atoms is a function 
of the angle between the plane of the C-H bond and the nodal plane of the 
unpaired electron, and, if rotation is restricted, (3-hydrogen atoms may cease 
to be equivalent. A variety of results is considered in terms of this principle.
An explanation is offered of the fact that, often, completely different 
reactions result in the final trapping of the same radicals. Some outstanding 
anomalies are discussed.
A l t h o u g h  considerable attention has been given to the quantitative features of electron- 
spin resonance spectra obtained from stable aromatic radicals and radical ions, very little 
has been paid to the spectra of simple aliphatic free radicals. One reason for this is that 
the spectra of simple radicals trapped in solids are often difficult to interpret.1 Indeed, 
since it is often not known what radicals have been trapped, the problem of interpretation 
becomes dependent upon identification, which may also be difficult.1
Despite these difficulties, it is felt that many recent results can be correlated fairly 
accurately, provided some simplifying assumptions are made. The procedure rests upon 
the basic assumption that simple radicals such as *CH3, CH3*CH2*, -CHyOH, etc., have 
been trapped, and that the spectra do, in fact, relate to these radicals. This identification 
is rarely compelling but is generally reasonable, and will be accepted provisionally in order 
th a t certain quantitative aspects of these spectra may be examined.
The assumptions and calculations relating to hyperfine splitting constants are presented 
in Section I and the results compared with experimental values in Tables 2, 3, and 4. 
These results are then discussed. In Section II some aspects of hyperconjugation are 
considered, especially with regard to hindered rotation. In Section III some general 
remarks are made concerning outstanding anomalies in the field of radical-trapping.
I. Symbols.— a is the hyperfine splitting constant, i.e., the separation (gauss) between 
hyperfine lines in the electron-spin resonance spectra; «aH and are its values for a- 
(as in *CH3) and (3-hydrogen atoms (as in ’CMe3), and aaT is the average of, and A a the 
difference between, them, po is the unpaired electron density on trigonaHy-hybridised 
carbon (%); X au = A^ h/po and X$K =  a^jpo] A aK and ApH are the delocalising powers 
of a- or (3-hydrogen atoms; po’AaH is the unpaired electron density on each a-hydrogen 
atom; A y is the delocalising power of Y as in 'CH2Y ; 6 =  90° minus the angle between a 
(3-C-H bond and the nodal plane of the unpaired electron.
Assumptions and Calculations.—It is first assumed that the hyperfine splitting constant 
is a measure of the unpaired electron density on hydrogen. The experimental value for 
hydrogen atoms is 502 gauss. If, then, a particular hydrogen atom gives a splitting of 
a gauss, the unpaired electron density on this hydrogen atom will be a/5-02%.2
The second assumption is that both aaH and apR will be linearly proportional to po 
This is equivalent to McConnell’s equation =  Qpn iov aromatic radicals,3 but represents 
a considerable and, as yet, unjustified extension to cases when p is large and both a- and 13- 
hydrogen atoms interact with the unpaired electron.
Table 1. Alternative values for factors A aH, ApS> X aS, and Xp1L, derived from electron- 
spin resonance spectra of methyl and text.-butyl radicals.^
Radical Procedure A a h AAh
•CH3 .............................................. (i) 0 0-26
(ii) 0-062 0-31
(iii) -0-045 0-226
•CMe3 ........................................ ' — — —
T a b l e  2 . Estimated and experimental values of hyperfine splitting constants for the 
radicals -CH^Me and *CHMe2 [by use of procedures (i), (ii), and (iii) outlined above].
U a v ^ a v A a A a
Radical PC (%) <z <x h apR (est.) (exp.) (est.) (exp.)
■CH2Me ....... (i) 81 21 31-8 27-5 26,6 24 4 10-8 6 4
(ii) 73-6 22-8 28-8 26-4 — 6-0 Not resolved 6
(iii) 87-4 19-8 34-3 28-5 — 14-5
■CHMe2 ....... (i) 68-2 17-7 26-7 25-4 25-0 4 9-0 Not resolved 4
(ii) 65-4 20-3 25-7 25-0 — 5-4
(iii) 70-3 15-8 27-6 26-0 — 11-8
T a b l e  3 . Estimated and experimental values of hyperfine splitting constants for various
radicals from alcohols.
No. Radical PC «aH afiR aav \  p  1
A a 
(est.)
N
(est.)
N 1
(exp.
1 -CH2-OH 61-3 (19) --- ---- 19 — 3 3 a
2 f c h 3- c h - o h 55-7 17-3 21-9 20-8 21 4-6 5 5
3 t  -c h 2-c h 2-o h 75 23-3 29-5 26-4 25 6-2 5 5 6
4 f -CMe2-OH 50-8 — 20 ■ — 20 — 7 7
5 \  -CH2-CHMe-OH 76-5 23-7 30-2 26 27 6-5 4 4 b
6 r CH3-CH2-CH-OH 56-5 17-6 22-2 20-8 22 4-6 4 5
7 J c h 3-c h -c h 2-o h 71-2 22-1 28 27 . 22 6-1 7 5
8 I -CH2-CH2-CH2-OH 75 23-3 29-5 26-4 22 \ 6-2 5 5
9 Me2C-CH2-OH 59-7 — 23-4 — ■ 23 — 9 8
10 f MeC(OH)Et ........ . 53 — 21 21 — 6 6
11 ( MeCH-CH(OH)Me 67-6 21 26-6 25-5 21 5-6 6 6
12 -CH2-CMe2-OH 77-5 (24) — — 24 — 3 3 “
13 CH3-CH-CMe2-OH 68-7 21-5 27 25-5 25 5-5 5 5
a Value assumed. 6 Experimental results may well be spurious.1 N =  No. of hyperfine lines.
T able 4. Estimated values for A Y in radicals R2C~Y.
Y   OH 0 “ CN C02Me CO-NH2 CMe2-OH CH3
A y   0-5 0-8 0-75 0-52 0-26 0-16 0-234
Accepting these postulates, we make the calculations as follows: From the value 
a — 26 for *CH34 a figure for A ah is estimated. Three alternative approaches can be made, 
(i) That po =  100, that is, that a-hydrogen effects no delocalisation, and therefore that 
A as. =  0 and Xas =  0-26. (ii) That a-hydrogen atoms effect a delocalisation, measured 
by the value of 26 gauss for a. On this basis, the unpaired electron density is 26/5-02% 
on each hydrogen atom, or 15-55% on all three. That means po =  84-45 and hence 
Aas =0-062 and Xos =0-31. (iii). In view of the postulate that positive spin on 
carbon gives rise to negative spin on a-hydrogen atoms, (ii) may be false, and it might be 
more correct to say that the spin on a-hydrogen atoms is —15-55, and hence that po =  
115-55%. On this basis, A ah =  —0-045 and XaH =  0-226.
From the value a =  23 for *CMe3,4 and the assumption that positive spin on carbon 
gives rise to positive spin on [3-hydrogen atoms, the unpaired electron density is 23/5-02% 
on each (3-hydrogen or 41-3% on all nine [3-hydrogen atoms. Hence, po =  58-7, ApR — 
0-078, and aps =  0-393. These results can now be used to estimate aaR and apR in the 
radicals CH2Me and CHMe2. For CH2Me the total unpaired electron density of 100% can 
be equated to the amount on carbon, po, that on a-hydrogens, 2AaHPc, and that on methyl, 
3Aj3hPo; i.e., 100 =  po T- 2AaHpo ~F 3-4 h^;Po» whence po =  81, 73-6, or 87-4% for
A pti A^h
0-078 0-393
procedures (i), (ii), and (iii) respectively. From these values for p0, aaK, and aps have been 
calculated and are given in Table 2 together with values for aav and A a.
Similarly, po for the radical -CHMe2 can be calculated from the equation 100 =  po +  
AasPo +  ®AphPo- The results obtained again depend upon the procedure used, as do 
the estimates for aas, apS, a.d7, and A a (Table 2).
The results are compared with values reported for these radicals.4’6 It is apparent 
that procedure (ii) gives by far the most satisfactory agreement with experiment. Indeed, 
since Matheson and Smaller 4 claim to have obtained approximate values for the individual 
lines from a- and (3-hydrogen atoms in CH2Me, and record a value of 6 for A a, one can 
postulate that for values of A a much greater than 6, some resolution would be apparent. 
Certainly, values greater than 10 should give resolved spectra, and can accordingly be 
rejected. For the present, therefore, only results obtained by procedure (ii) will be 
reported for further estimations. Anticipating, one can say that procedure (ii) gives far 
closer agreement with experiment than the alternatives in all cases tested so far, procedure 
(i) being superior to procedure (iii).
The dearth of experimental results renders the task of interpreting spectra for more 
complex radicals difficult. For radicals derived from normal allcanes, such as 
CH3’CH*CH2R and R'CH2*CH*CH2R', on a first approximation one can expect all 13- 
hydrogen atoms to be equivalent. The delocalising effect of the (3-alkyl groups is hard 
to estimate, but two extremes can be considered: (a) that the effect is zero, and (b) that 
the effect is equal to that of (3-hydrogen.
Assumption (a) gives, by procedure (ii):
100 =  po -j- 0-062po -j- 5 X 0-078po
for CH3’CH*CH2R, whence po =  68-9 and therefore aay =  26-3 and A a =  5-7. Hence 
a poorly resolved 7-line spectrum having a ^  26-3 should be observed. Alger et al. 1 
report a 7-line spectrum, a — 27, for radicals formed by high-energy radiation on the 
lower normal alkanes.
Similarly, for R ,CH2,CH*CH2R/, aay =  27-4 and A a =  6-0. Hence a poorly resolved 
6-line spectrum would be expected. In fact, the spectra obtained from higher alkanes 
after high-energy irradiation are complicated by the superposition of a set of relatively 
narrow lines on the central portion of the spectrum, and little can be said regarding the 
hyperfine splitting constants.7
Alternative (b) would mean that the parameters used for CHMe2 should be used. 
Hence po =  65-4%, aaR =  20-3, and aps =25-7. Since, however, there are now only 
five (3-hydrogen atoms, aay =  24-8. The value estimated by procedure (a) is thus closer 
to experiment, but the difference is not very large, so that no firm conclusions regarding 
hyperconjugation by (3-alkyl groups can be drawn (see below).
The only unsaturated hydrocarbon radical whose spectrum is known is allyl, 
CH2!CH-CH2\  Matheson and Smaller 4 report a value of 15-5 for the hyperfine splitting 
constant derived from the quintet ascribed to this radical. If the assumption were made 
that the unpaired electron was equally divided between the terminal carbons and had 
zero density elsewhere, calculations with procedure (ii) lead to aK =  13-8 for the quintet 
predicted. The experimental value is appreciably higher, and the discrepancy can be 
understood in terms of the postulate that there is a small negative spin-density on the 
central carbon atom. Use of a =  15-5 gives po =  50, and hence the net spin-density on 
the methylene groups is 112-4%. This leads to a value of —12-4% on the central carbon 
atom, which can be compared with a recent theoretical estimate of —10-6%.5 On this 
basis, the central hydrogen atom should give rise to a splitting of about 3-8 gauss; this 
would appear as added broadening in the spectrum.
Turning to radicals of type R2CY, we can, by using the above values [Table 1 (ii)], 
estimate the “ delocalising power ” of groups Y. The most extensive series of experi­
mental results are for the aliphatic alcohols (Y =  OH), the results being summarised in 
Part II.
Radicals derived from Alcohols.—From the value a — 19 for *CH2*OH, aa-s_ =  19 =  
Po X  0-31, whence po =  61-3%. Hence from 100 =  po =  2 X 0-062 X  po +  A 0 H X po, 
one gets A 0h =  0-50. By using this value, together with the values for aaR and aps 
recorded in Table 2, the results shown in Table 3 (Nos. 1, 2, and 4) have been calculated. 
Agreement with experiment is well within experimental error and A a for the radical from 
ethanol (No. 2) is so small that one would expect a fairly symmetrical 5-line spectrum.
In view of the uncertainty in the identification of the radicals 1 derived from propan-l-ol 
and higher alcohols the results cannot be used to test further the suitability of the procedure 
outlined above. However, the agreement found is such that one can postulate that any 
marked deviation from aav estimated for a certain radical can be taken as a strong indication 
that the postulated radical is not, in fact, the correct one.
The experimental result for -CHyCMeyOH (a =  24) derived from tert.-butyl alcohol, 
though only approximate, can be used to obtain a rough value for the group -CMeyOH. 
It turns out that A ~  0-16, and the agreement with experiment found when this value is 
used to estimate aaT for MeCH-CMe2-OH (Table 3, No. 13) indicates that this value is 
satisfactory. If one assumes that this delocalising power is equally shared between the 
(3-methyl groups and (3-hydroxyl, then ApRe ~  Apcm ~  0-053. This result for (3-methyl 
is less than that for (3-hydrogen (0-078) and is probably of the right order of magnitude.
By using these figures, the results in Table 3 (Nos. 3, 5, 7, 8, 9, 11, 12) have been derived. 
For radicals formed by loss of a-hydrogen the largest estimated value is 21 gauss, whilst 
when (3- or y-hydrogen is lost the minimum value is 24, and the usual value between 28 and 27 
gauss. In Part I we attempted to identify radicals by a consideration of the number of lines 
in the electron-spin resonance spectrum. In several instances, notably for propan-l-ol, this 
criterion proved unsatisfactory. If, however, the magnitude of a can be used as an added 
criterion, selection of alternative radicals is often easier. For example, / our value 
of 22 gauss for propan-l-ol is only compatible with structure No. 6 (Table 3); both Nos. 
7 and 8 require values for a far larger than the experimental value. Fujimoto and Ingram 8 
found 6 lines for radicals from propan-l-ol, with aaY 20. Again, this value is too small 
for radicals formed by attack on (3- or y-hydrogen.
[The average value of 20 gauss is measured directly from the derivative curve presented.8 
However, a reconstruction of the experimental curve is also given, consisting of a set of 
4 lines, each split into a triplet. From the derivative curve, we estimate a (4-lines) m  23 
and a (3-lines) ^  15. However, the authors attribute this spectrum to the radical
CH3*CH'CH2‘OH, and quote a0h3 =  29 and a0Ha =  20. They conclude that the 
a-hydrogen atom gives no detectable interaction. From these quoted values, a&x =  25-4, 
which is certainly possible for the radical depicted. We cannot discover which set of 
data is correct since we invariably obtain a 5-line spectrum from propan-l-ol radicals.]
The 6-line spectrum from butan-2-ol was assigned to either radical No. 10 or No. I I .1 
The experimental value of 21 for a, however, fits well with No. 10 and eliminates No. 11.
In Part II we recorded examples of complex spectra sometimes detected for ethanol 
and propan-2-ol radicals. It was pointed out that one way of building up these spectra 
was to superimpose spectra of 5 lines (a X 25) and 4 lines (a zz 27) respectively upon the. 
normal spectra. These results are in close agreement with those expected for radicals 
formed by attack on (3-hydrogen (Nos. 3 and 5 respectively).
Another result from the field of alcohol radicals which can now be treated quantitatively 
is the 4-line spectrum from radicals formed by attack of hydroxyl radicals on allyl alcohol. 
We have already noted that the relatively small value for a (about 13 gauss) is best under­
stood if the radical CH2!CH-CH-OII is formed by attack on allylic hydrogen.2 Since a 
symmetrical 4-line spectrum is obtained, aaR ~  ays  and therefore pac =  pyo =  Po- 
Proceeding as for the allyl radical and using aav =  13, we get 13 =  0-31po, whence p0 =  42.
The total electron density on the outer carbon atoms and attached atoms is then equal 
to 42 x 2-686 =  112-7, and therefore the electron density on the central C-H group is 
12-7%. This value being used, the hyperfine splitting constant for the central hydrogen 
is found to be 3-7 gauss. The doublet splitting caused by this interaction would be too 
small to show in our spectra.
Other Radicals.-—Table 4 gives some values for A Y, Y being attached directly to the 
carbon atom carrying the unpaired electron. The value for -0~  is taken from a — 16 
for the triplet obtained from 'CHyO- .7 That -0 "  is more effective than -OH is not
surprising, since the extreme structures !CH2-0* and !CH2-OH+ only involve charge 
separation in the latter case.
The values for C02Me and CN are derived from results reported for the radicals 
HOCH2*CMe*C02Me and HOCH2'CMe’CN respectively.9 The result for -C 0 2Me is 
only slightly greater than that for -OH, which is unexpected, since this group is able to 
effect delocalisation by means of structures such as (I). The value for Hon 
R2C=Cy can be used to predict a value for a3jY, for radicals from polyacrylonitrile,
^  ° ’ R-CH2*CH-CN. This gives aaY — 18-1 and A a =  4-2. Although we have
only obtained a single broad line from radicals from polyacrylonitrile, Abraham, 
Ovenall, and Whiffen 10 report a 7-line spectrum with a =  18-5. I t is not easy to under­
stand why 7 lines should be observed, but the value for a is very, close to the predicted 
value.
The figure for -CO N H 2 is very tentative. I t  was obtained from data quoted by 
Luck and Gordy11 for the triplet and quintet which were observed after acetamide and 
propionamide had been exposed to X-radiation. If one postulates that the radicals 
responsible for these spectra are •CH2*CO,NH2 and CHyCH’CONHa respectively, then 
this value results in both instances.
A variety of results is available relating to radicals formed by high-energy irradiation 
of amino-acids. W aring12 has made a careful study of a-aminofsobutyric acid and presents 
convincing evidence that the main radical produced is Me2C*C02_ (or Me2C*C02H). 
Single-crystal studies show that the hyperfine splitting constant is not quite isotropic 
and give an average value of 23-5 gauss. Using this value, we get Mco3- (or Hco2h.) ~  0-2. 
If we assume that the same type of break-up occurs with other amino-acids, the 5-line 
spectrum from alanine (aaY zz 25) and the triplet from glycine (a ~  20) can be assigned 
to the radicals CH3*CH*C02-  and *CH2*C02-  respectively. Using Mco2- =  0-2, we get 
aaY — 25 for the former and a — 23-4 for the latter. Whilst the former result is compatible 
with experiment, the latter is far too large. It seems possible that in this case a different 
radical is involved.
Discussion.—The interaction which occurs between an unpaired electron in a p -orbital 
on trigonally hybridised carbon and protons bonded to this carbon has been discussed 
fully. The results obtained from aromatic radicals and radical ions in dilute fluid solution, 
under conditions such that all dipolar interactions would average to zero, show conclusively 
that contact interaction (whereby an unpaired electron is left in a ls-state on hydrogen) 
is of considerable importance.
McConnell5 has been able, by use of the equation aY =  Qpn (where an is the hyperfine 
splitting constant and pn the unpaired electron density on Qn)), to correlate many results and 
to obtain important information regarding p n . Various theoretical and experimental values 
for Q have been proposed.5,13 McConnell favours the numerical value of 22-5 obtained 
from the benzene negative ion.5 We have found that an average value of 31 gauss gives 
a satisfactory fit for data from a number of aromatic positive and negative ions.14
If, as in (i) above, one assumes that pn — I for *CH3 then Q — 26, a result which is 
remarkably close to the value derived from aromatic radicals and radical-ions. However, 
somewhat better agreement between experimental and estimated values is obtained if one
allows for the fact that a-hydrogen atoms can delocalise the unpaired electron. That 
means that in the radical *CH3, pn is not taken as unity but as some smaller value, depending 
upon the delocalising power of a-hydrogen atoms [see process (ii) above]. On this basis, 
an estimate of the hyperfine splitting constant for the planar radical R2CH gives
aaH ~  30 gauss if it is assumed that the R groups do not interact. One conclusion that
can be drawn is that aaR y/ 30 gauss in any radical having an unpaired electron in a
-orbit on trigonally hybridised carbon.
This conclusion is not true if the radical is pyramidal, but theoretical calculations by 
Karplus 15 have shown that a small divergence from planarity would make very little 
difference, and that even in the extreme case in which tetrahedral configuration is retained, 
only a small increase in a would result.
Another conclusion is that a-hydrogen atoms are bound to interact strongly with the 
unpaired electron. For saturated radicals of the type discussed above, this interaction 
would probably give a value for aaR greater than 15 gauss, and hence the assumption that 
in radicals of structure CHyCHTCHajyOH the a-hydrogen atom will not contribute to 
the observed spectrum seems to be unjustified.8 However, in some circumstances 
(3-hydrogen atoms may not interact appreciably: this is discussed in Section II.
The results reported by Matheson and Smaller 4 for *CH3 and *CMe3, used in the above 
manner, make it clear that aaR and apR will generally be so nearly equal that, because of 
the breadth of the individual lines, the measured spectrum will be an unresolved super­
position of the lines from a- and (3-hydrogen atoms and will closely resemble the spectrum 
to be expected from a radical in which a- and (3-hydrogen atoms are equivalent. Several 
workers have been loth to accept this coincidence of near equality and have, instead, 
postulated the existence of radicals in which the hydrogen atoms are all completely 
equivalent. For example, Gordy et al. 6 have suggested that, because of the symmetry 
of the sextet obtained from *CH2Me, a type of rapid intramolecular exchange of hydrogen 
or internal hydrogen bridging occurs. Matheson and Smaller’s results 4 show that this 
postulate is not required, and indeed there is strong experimental evidence against it. 
Thus McNesby, Drew and Gordon 16 have shown that, even at high temperatures (365— 
506°), hydrogen atoms cannot be transferred intramolecularly in the w-butyl radical. A 
rapid equilibration at 72° k  is therefore out of the question.
Another example is the ion C2H4+, which Gordy and his co-workers have frequently 
postulated in order to explain a 5-line spectrum (a X  20) which is observed during high- 
energy irradiation of certain organic compounds. For instance, Luck and Gordy11 
suggest that this radical-ion is formed during X-irradiation of solid ethanol. Their 
spectrum is almost identical with ours,1 and we have presented strong evidence in favour 
of the radical CHyCH-OH. It is difficult to see how C2H4+ could be formed under the 
very mild conditions used in our experiments. Another argument against C2H4+ is that 
the experimental value of about 21 for a is too large. This value for a corresponds to 
XaH =  0-42. Since all the results so far obtained for neutral, positive, and negative 
radicals give values between 0-22 and 0-31 for X aR, this value is excessively large and hence 
one can conclude that the spectrum is not that of C2H4+. Bersohn 17 has calculated a 
value of 8-4 gauss for a. Using the value X aR =  0-31 calculated above, we would predict 
Po == 44-4% on each carbon atom, and hence that a ^  13*7 for C2H4+.
It has been assumed that in saturated radicals, only a- and (3-hydrogen atoms interact 
with the unpaired electron. If (3-methyl groups can release electrons significantly then 
there will be some contribution from y-hydrogen atoms. However, on using the value 
ApMe ~  0-053 estimated above it is apparent that y-hydrogen interaction will be an order 
of magnitude smaller than that from a- and (3-hydrogen atoms. If, for steric reasons, 
hydrogen from another molecule or another portion of the same molecule is forced close in 
to the orbit of the unpaired electron, it might interact specifically and hence give rise 
to detectable splitting. However, no evidence of this process has yet been presented.
II. It is usually assumed that [3-hydrogen atoms attached to a particular carbon 
atom give equal splitting; i.e., they interact equally with the unpaired electron. 
This is only possible if rotation about the carbon-carbon bond is rapid. If, for some 
reason, rotation is restricted, such (3-hydrogen atoms might no longer be equivalent, and 
I attempted to explain the curious 9-line spectrum obtained from poly(methyl meth­
acrylate) in terms of this principle.9
This principle is assumed in many instances. For example, (3-hydrogen interaction 
is not observed and never postulated for unsubstituted aromatic radical-ions. This is 
because all the hydrogen atoms lie in the nodal plane of the ^-orbital containing the 
unpaired electron, and hence overlap between this and the C-H bonding orbital is negligible. 
A similar example is the central hydrogen atom of the radical from allyl alcohol considered 
earlier. This is in the nodal plane of the 7t-orbital containing the unpaired electron and 
therefore cannot interact by a hyperconjugation process.
There are other less clear-cut examples. The hydroxyl hydrogen in alcohol radicals 
of type R2C*OH is effectively a (3-hydrogen and would surely interact in the usual way in 
the general case. However, there is considerable evidence that interaction is very weak. 
Thus the radical derived from methoxide gives a spectrum which is almost identical with 
that from radicals from methanol, and ethanol deuterated on the hydroxyl group gives a 
spectrum identical with non-deuterated ethanol.7 Our calculations suggest that the 
hydroxyl group has a large delocalising power. This probably arises through overlap 
between a fully occupied p-iz oxygen orbital and the half-filled ^-orbital on carbon. In 
order for this overlap to be large, the O-H bond must be constrained to lie in the nodal 
plane of the molecular orbital thus formed, and hence will not interact strongly.
A similar argument goes some way to explaining why the electron-spin resonance
/H
spectrum of H 0 2* is not a doublet.1 If one accepts that the extreme structure ‘O-CK 
is an important contributor to the actual structure, then the main interaction between 
the unpaired electron and the proton should be by hyperconjugation. However, once 
again, in order to obtain efficient overlap with the filled p--k oxygen orbital, the hydrogen 
must lie in the nodal plane of the unpaired electron, thus removing the possibility of 
hyperconjugation.
The value A os =  0*5 being taken as a measure of the unpaired-electron density on 
the OH group, an approximate value for splitting to be expected from hydroxyl-hydrogen 
due to configurational interaction can be obtained. For example, the radical from 
propan-2-ol has po =  50-8 and hence poh =  25-4. If aos ~  aas  — 0-31, then «0h ~  7-9 
gauss. A splitting of this magnitude would be on the verge of detection, and is probably 
an overestimate. (By the same argument, the doublet splitting for *OH should be about 
30 gauss. Matheson and Smaller 18 observed a doublet having a =  10 gauss after exposing 
ice and hydrogen peroxide to y-rays. This is only detectable at 4° k and may well be due 
to hydroxyl radicals. If this is the case then our estimate of 7-9 for a oh in Me2C*OH is 
too large.)
No calculations concerning the way in which a for a given (3-hydrogen atom will vary 
with 0 have yet been published. Earlier, we assumed that if a C-H bond was fixed in a 
direction perpendicular to the nodal plane of the unpaired electron then it would give a 
splitting equal to that of a free (3-hydrogen atom.9 It was also assumed that the inter­
action from a C-H bond at 30° to the plane would be negligible. These assumptions were 
arbitrary, and may be incorrect. On a semi-intuitive basis one might guess-that the 
interaction would follow a cos2 0 law. If that were so, then, the interaction for a hydrogen 
lying at 90° to the nodal plane (0 =  0) being taken as 1, the relative values for 0 =  30°, 
60°, and 90° will be 0-75, 0-25, and zero. In order to relate these relative values to experi­
ment a value for a " free ” hydrogen atom is required. It can be shown that if the three 
hydrogen atoms in a methyl group make angles 04, 02, and 03 to the normal, then cos2 0X -j-
cos2 02 -+- cos2 03 =  1-5. Thus the net interaction for three equally interacting (3-hydrogen 
atoms is 1-5, which gives a value of 0-5 for each.
If this argument is true, then the interpretation of the 9-line spectrum for 
poly(methyl methacrylate) 9 requires revision. The spectrum, assigned to the radical 
R*CH2*CMe*C02Me, consists of 5 lines (a =  21) together with 4 lines (a =  21) which are 
somewhat weaker. The splitting between adjacent lines is thus 10-5. In order to 
interpret this spectrum, two structures were proposed, one having the group R at 90° to 
the plane (which contains the methyl and methylene carbon atoms together with the 
methoxycarbonyl group) and the other having one of the C-H bonds at 90° to the plane. 
In each case the methyl group is considered to be freely rotating, and hence aRe =  21. 
However, if the cos2 0 dependence is even approximately correct, these structures would 
not combine to give the required spectrum. The former has two equivalent hydrogen 
atoms at 30° to the plane (0 =  60°). Relative to the average value of 21, the hyperfine 
splitting constant will be 21 x 0-25/0-5 =  10-5. Therefore each of the four lines from the 
methyl group will be split into three, giving a final spectrum of nine lines, a =  10-5 with 
relative intensities 1, 2, 4, 6, 6, 6, 4, 2, 1. The number of lines and the splitting are correct, 
but the relative intensities are wrong, since in the experimental curve the ratios are 
approximately 3, 2, 12, 6, 18, 6, 12, 2, 3.
The latter structure can be rejected since one of the two methylene-hydrogen atoms 
(HjJ will have ax =  21 x 1/0-5 =  42, and the other (H2) will have az — 21 x 0-25/0-5 =
10-5. This will give a spectrum of 12 lines having a =  10-5.
A model of this radical reveals, not only that rotation about the C-C bond will be 
extremely difficult, but also that the least hindered conformation will be one in which the 
bulky R group is at 90° to the plane. This structure alone is not satisfactory, as shown 
above. However, if one allows a twist of 15° to either side of this symmetrical arrangement, 
then two other mutually equivalent structures will also contribute, in which H 4 is at 15° 
and H 2 at 45° to the plane (or vice versa); Hx will now give a negligible splitting, since 
ax ~  21 cos2 75°/0-5 =  2-8. H 2 will have a2 =  21 cos2 45°/0-5 =  21. These structures will 
therefore give rise to a simple 5-line spectrum having a — 21. If each position is of equal 
importance, the final spectrum will consist of 9 lines having relative intensities 3, 2, 12, 6, 
18, 6, 12, 2, 3. This result is very close indeed to the experimental spectrum.
It is tempting to apply this concept of hindered rotation to some of the simple radicals 
studied in Part II. In general, the probability that a (3-hydrogen atom will not give an 
averaged interaction will decrease in the order tertiary >  secondary >  primary, for two 
reasons. First, the other groups are certain to be more bulky than hydrogen, and secondly, 
the amount of twist required to obtain equivalence decreases in this order. A single C-H 
bond must be twisted through 90° to pass from maximum to minimum interaction. In 
contrast, a methyl group needs to be rotated through only 30°.
We conclude that a methyl group is least likely to display differences due to hindered 
rotation. An attempt has been made to explain the 6-line spectrum sometimes observed 
for radicals from propan-2-ol1 in terms of this principle of hindered rotation. The value 
a — 22 is assigned to six hydrogen atoms and a — 9 to the seventh.8 If our reasoning is 
even approximately correct, even if the rotation of a methyl group was hindered in this 
way, it is extremely hard to understand why one hydrogen atom should have its inter­
action reduced so drastically whilst the other two still give an averaged interaction. It is 
suggested8 that this process is important at 77° k  but insignificant at 110° k , at which 
temperature the normal 7-line spectrum for propan-2-ol is obtained. However, we have 
observed the 7-line spectrum at 77° k .
One radical in which restricted rotation should play an important part is that derived 
from cyclohexdmol. I t is certainly possible to build up the observed 6-line spectrum 2 
by use of the above principle on the basis that the radical is formed by loss of an a-hydrogen 
atom. However, the observed spectrum is so poorly resolved that relative line intensities
cannot be measured and therefore detailed discussion is not warranted. The alternative, 
that attack is on y- or 8-hydrogen, would certainly explain the presence of 6 lines, but the 
observed splitting of 20 gauss is at least 5 gauss too small for this postulate.
III. Secondary Radical Reactions in Solids.—Intense electron-spin resonance spectra 
are often obtained from organic solids after exposure to high-energy radiation, and these 
spectra are often remarkably simple. This simplicity is at first sight surprising because, 
in general, two different paramagnetic species are to be expected, and their superimposed 
spectra would normally give a complex pattern.
It is often suggested, by analogy with the better understood behaviour of ionic crystals, 
that electrons, detached during the primary process, are trapped elsewhere in the solid. 
Two difficulties arise: first, the trapped electrons should give rise to an electron-spin 
resonance signal, and secondly, a radical positive ion rather than a neutral radical is the 
second product. It is possible that the electron-spin resonance spectrum from the trapped 
electrons is broad and escapes detection, but it is by no means clear why this should be. 
We have obtained spectra with line-widths (between points of maximum slope) of the 
order of 4 gauss from glasses formed by freezing'blue solutions of alkali metals in ammonia,19 
and it is hard to understand what features in simple organic solids would be able to increase 
this width so drastically.
The remarkable similarity between spectra obtained from neutral radicals formed by 
abstraction of hydrogen by hydroxyl radicals and radicals formed from the same organic 
compounds by high-energy radiation leaves little doubt that they are derived from identical 
radicals. The spectra obtained from methanol, ethanol, propan-l-ol, and propan-2-ol, 
for example, are all very similar whatever method is used.2,7 Since hydroxyl radicals 
are able to abstract hydrogen from alcohols at 77°,2,20 it is reasonable to postulate that 
other highly reactive radicals will also be able to do so. On this basis, one can formulate 
the reaction for alcohols as follows: -
R2CH*OH +  h v  R2G o H  +  H-
H- +  R2CH-OH - — **- H2 + ' R2C-OH
Reactions such as these may occur before the radicals have lost their excess of energy 
possessed at the time of formation, in which case the final products will be close neigh­
bours. If this is so, an explanation can be found for a remarkable difference in the optical 
properties of alcohol glasses containing trapped alcohol radicals. As noted earlier,20 when 
solutions of hydrogen peroxide in primary and secondary alcohols are irradiated a violet 
colour is observed due to an absorption band of low intensity with a maximum absorption at 
about 5000 A. Alger et al.1 find very similar visible spectra to ours, but there is one marked 
difference. Colours formed during high-energy irradiation are rapidly bleached by visible 
light, but similar colours obtained by peroxide photolysis are unaffected by visible light. 
Both procedures give paramagnetic glasses displaying nearly identical electron-spin 
resonance spectra. The photobleached glasses still give the same spectra, not markedly 
diminished in intensity, and, because of this, Alger et al.1 justifiably conclude that the radical 
which gives rise to the electron-spin resonance spectrum is not the species responsible for the 
violet colour. However, for a variety of reasons, we have concluded the reverse, namely, 
that free radicals having the general structure R2C‘OH are responsible for both the 
electron-spin resonance and the visible spectra.23
W have already postulated 20 that if radicals are formed in pairs, those in each pair 
may sometimes be so close together that the net magnetic field experienced by either 
radical is equal to the applied field plus a small increment from the neighbouring radical. 
This extra field will be a function of the distance between the paired radicals and the 
orientation of the pairs relative to the direction of the applied field. Since both these 
parameters are certain to vary over a wide range this interaction could broaden the 
resonance signal beyond the limits of detection.
Such magnetic interaction would not appreciably alter the visible and ultraviolet 
spectra of the radicals concerned. A situation could therefore arise in which a large 
number of radicals, giving rise to an intense violet colour, are paired off in such a way 
that no electron-spin resonance spectrum can be detected. At the same time a relatively 
small number of radicals are envisaged as being trapped singly so that no modification of 
the applied field occurs. The effect of these radicals will therefore be cumulative and a 
detectable electron-spin resonance spectrum should result. Finally, since most of these 
radicals are paired closely together, excitation by visible light could so dispose the radicals 
that recombination or disproportionation takes place: this would result in a great decrease 
in visible absorption but the electron-spin resonance absorption would be unaffected or 
become better resolved. The small specimens used by Alger et al? are sometimes so deeply 
coloured that they appear black, and yet the intensity of the electron-spin resonance 
spectrum is such that on a comparable scale, our specimens would probably seem colourless.
First derivative of the electron-spin resonance 
spectrum from photolysed solid solutions of 
hydrogen peroxide in allyl alcohol, after 
prolonged irradiation.
Accordingly, it. s postulated that radicals produced by hydroxyl-radical attack are not 
sufficiently close to interact magnetically. This theory is speculative but does seem to 
account for results which otherwise appear to be mutually contradictory.
Two other examples in which light excitation may lead to further reaction will be 
considered. The first is also drawn from the work of Alger et al? When an irradiated 
methanol glass is exposed to intense ultraviolet light the triplet attributed to ‘CHyOH is 
lost, and a doublet with a splitting of 136 gauss appears instead. No explanation of this 
phenomenon has been offered. It seems likely that the original radicals are undergoing 
photolysis, and two modes of decomposition seem reasonable:
• C H 2* O H  +  h r  C H aO  +  H -
or
• C H 2' O H  >- 'C H  -j- H 20
We would not expect that hydrogen atoms would be trapped under these conditions, 
but rather, that they would attack methanol to re-form the radical •CH2*OH. Accordingly, 
it is suggested that the radical *CH is the species giving rise to the doublet. The splitting 
of 136 gauss is surprisingly large, but is not out of the question since the structure of this 
intermediate is very different from the radicals so far considered. The doublet is 
remarkable also because it is asymmetric, one band being much broader than the other. 
Recently McGarvey 21 has applied a theory proposed by McConnell 22 to explain a similar 
phenomenon found for solutions of copper chelates. This theory is based upon the 
supposition that the complex is tumbling, the asymmetry in line widths being a function 
of the rate of tumbling and the anisotropy of the resonance. The *CH radical might well 
be small enough to be moving in this way even in a solid at low temperature, in which case 
the asymmetry in hyperfine lines could be explained by the same theory.
The other example of a light-induced secondary reaction is drawn from the effect of 
prolonged irradiation (3650 A) upon the electron-spin resonance spectrum of radicals
( I p *
(2)
H
SO gauss
from ally! alcohol, CH2!CITCH>C)H. The normal spectrum is a quartet having a ^  13 gauss. 
However, on prolonged irradiation further lines appear on the edges with a splitting of 
about 24 gauss. A typical spectrum is shown in the Figure, together with a postulated
6-line spectrum, having a ,^24 (broken line). The radical CH2!CH”CH-OH is yellow 20 
and hence will certainly absorb in the 3650 A region. It is postulated that light excitation 
renders the radical sufficiently reactive to be able to add to a neighbouring alcohol molecule:
c h 2:c h -c h - o h  +  c h 2:c h -c h 2- o h  — c h 2:c h -c h (o h )-c h 2-c h -c h 2- o h
(the alternative of attack on allylic hydrogen would lead to no net change). We would 
predict a spectrum of 6 lines for this radical, and estimate a&r sc 25-5.
Fujimoto and Ingram 8 have also observed this phenomenon, but suggest that the 
new lines which appear on the edges of the original spectrum are part of a superimposed 
5-line spectrum. According to our measurements, this spectrum would have aav ^  30 gauss, 
which is very large. They suggest 8 that the species responsible is a diradical formulated as
h o c h :c h -c h 2 • • • • c h 2c h :c h - o h
We cannot understand why a light-induced approach of radicals should stop, when a 
minute continuation would give a stable molecule. However, although the proposed 
structure is somewhat obscure, the unpaired electrons still appear to be in molecular 
orbitals covering the whole of each molecule, in which case a 7-line spectrum having 
a sc 13 should result (provided that the diradical nature of the species was such that it 
would in fact give rise to an isotropic spectrum having a g-value of 2-00, and no zero-field 
splitting).
Conclusion.—Many of the concepts considered are undoubtedly extreme oversim­
plifications of the truth. Nevertheless it is hoped that, at least in some instances, they 
may lead towards a better understanding of a complex subject.
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